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Summary
This thesis is divided into five sections. After the 
General Introduction Chapter 1 describes the synthesis of 
a series of 3-diketpnes. The physical and analytical 
data for the compounds is also given.
In Chapter 2 the thermbdynamic acidities of acetyl- 
acetone, acetyltrifluoroacetone, hexafluoroacetylacetone, 
benzoylacetone and a series of meta- and para-substituted 
benzoyltrifluoroacetones are determined using a standard 
potentiometric titration method. In some cases measuremen 
have been made over a temperature range.
Chapter 3 is an account of the way in which the water- 
catalysed rates of ionisation of these same 3-diketones 
vary. The results clearly show the.effects of fluorine 
substitution in that the activation energies are much 
higher (by ~ 6K. cals/mole) than for the unfluorinated 
compounds. Although fluorine subsitution leads to an 
increase in acidity, the rates of ionisation are slower, 
reflecting the increased tendency to form hydrates.
This makes enolisation more difficult.
Chapter 4 is concerned with various aspects of the 
hydration of the 3~diketones. Both rates of hydration 
and dehydration have been measured and these investigated 
as a function of medium composition.
Chapter 5 brings together values of the entropies of 
activation of various carbon acids as obtained from 
measurements of the rates of ionisation. The values of 
are discussed and it is shown that they can be used as a 
criterion of reaction mechanism.
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GENERAL INTRODUCTION
Diketones are organic compounds which contain two 
carbonyl (> C = 0) groups. They can be further sub­
divided into a-, 3~ and y~t varieties according to whether
the carbonyl group lies in the 1:2, 1:3, or 1:4 positions
\
RC0..C0R1 e.g. Diacetyl CH^CO.COCH.^, an a-, diketone 
RCOCH^COR’ e.g. Acetylacetone CH^COCH^COCH^, a 3-diketone 
RCOCH2 .CH2COR* e.g. Acetonylacetone CH3COCH2CH2COCH3 , a
Y-diketone.
These compounds play an important part in modern organic 
chemistry for a number of different reasons.. Unlike the 
ketones they are considerably stronger acids e.g. acetyl­
acetone has a pH of 9.0 in water as compared to a value od
1
close to 20. for acetone . On the other hand they can,
like the ketones exist as tautomers (keto and enol forms).>
in fact the proportion of enol is frequently much higher
2than for the ketones 
Table:1
Keto-enol data for acetylacetone in various solvents.
Solvent % Enol
Cyclohexane. 88
Dioxan 73
Diethyl ether 85
50:50 ether 68
acetonitrile
Solvent % Enol
75:25 ether aceto- 71 
nitrile
Acetonitrile 55
t-Butanol 80
i-Propanol 85
Ethanol 73
Methanol 70
Water i 6
CH-.C - CHn- C 0Ho
6 11 A ii o
0 0
CHLC CH - C 0Ho3 j ii 3
0 H---0
K e t o - f o r m E n o I - f o r m
3These values can be compared with acetone , for example, 
where the percentage enol in aqueous solution is 
2.5 x 10~4 .
3-Diketones find wide application in chemistry because of 
their ability to form metal complexes e.g.
H~C CH
V  / J
c — 0 0 — c
IiC CU CH
A, / K  ■ *
C — 0 o — c
/ \
H 3C c h .
Not only does this ability form the basis for solvent-
4,5
extraction studies of metals such as the rare earths
6 7 8—11lanthanides ' and actinides but it also makes possible
the determination of metal ion concentrations at very low 
12-15levels . A recent and important application concerns
16
the determination of chromium in lunar materials;
furthermore many of these complexes have been used as
17-2?catalysts in polymer ~ chemistry and also in the
23structural aspects of inorganic chemistry.
3-Diketones, by virtue of their acidity are able to
readily lose a proton with the result that the reactive
’2^carbanion formed can be used for synthetic purposes e.g.
~ 10 ..
Liq.NH- Li
C^HrC0CHoC0CHo •^-.--— 4  C rH cC0CHC0CHoLi 6 b 2 3 2L1WH2 6 5 2
CH3
CL) C H5C0CH C^Hf-COCH^CO.CH^C
 ----- ■> 6 5 2 2 1 6 5
(2) NH.C1 OH
2:6-diphenyl~2-hydroxyhexane dione-4,6.
Many such examples are to be found in the literature.
The chemical and physical properties of these 8~
diketones can be significantly altered by the insertion
of one or more fluorine atoms. The main purpose of this
thesis is to investigate in detail some of the changes
that .arise from suchasubstitution. Fluorine is the most
reactive of elements and some of the chemical properties
of the compounds formed stem from the fact that C-F bonds
are of high strength (bond energy of 116 K.cal. mol. ^
-Icompared with a value of 58 K.cal.mol for C - Br).
Furthermore with fluorine there is also the tendency to 
form strong hydrogen bonds.
It is already known that fluorine substitution in
6-diketones causes a decrease in both-melting and boiling
2 5 opoints e.g. acetylacetone'' has a boiling point of 135
at 745 mm Hg compared to 107° at 760 mm Hg for acetyl-
trifluoroacetone^ and 63-65° at the same pressure for
26hexafluoroacetylacetone . Likewise it was found that 
the trifluoroacetylacetonat.es of the rare-earth metals 
melted at ;a temperature ' about 10° lower and the hexa-
fluoroacetylacetonates 20° lower than those of the acetyl-
27acetonates themselves . In fact in the case of Uranium
the complex U (CF^COCH^COCH^) ^  is- one of the few volatile
? 8derivatives of this element- .
Fluorine substitution frequently leads to an increase
in solubility and to a more favourable distribution of g~
29diketone complex in solvent extraction studies . The 
data in Table:2 serves to show how fluorine substitution 
influences the stability constants of various copper 
complexes^.
Finally because of these properties increasing use is 
being made of fluorinated g-diketones in research work, e.g.
fluorimetric determination of trace concentration of metal
31 32-3
ions , and the use of various metal complexes as lasers.
Some of the compounds have also found application as soil
35 36fungicides and insecticides . It has also been reported
that fluorinated g-diketones improve the resistance of
37metal surfaces to corrosion
Table:2
Stability Constants for Complex formation between
30Copper(II) and various g-diketones
g-Diketone Log K
Benzoyl acetone 18.0
Acetyl acetone 17.4
Methyl acetylacetone 14.6
Furoyl acetone 16.8
Trifluoro acetylacetone 12.2
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1:1 INTRODUCTION
B~Diketones can be synthesised in a number of different 
ways but that involving a Claisen condensation between an 
ester and ketone is probably the most widely used. The 
reaction can be considered as being made up of 3 stages e.g. 
in the synthesis of acetylacetone from acetone and ethyl- 
- : -acetate we have
(a) The ionisation of acetone in the presence of 
strong base to form the carbanion:-
CH~CQCHn 4- Na 0CHo — * Na CHCOCHL + CHo0H 
3 3 3 \------  2 ^ 3
(b) The condensation of the carbanion with the 
ethyla-eetate . . ■ : ;
0 Oita
M *  -  I
CH_C 4- Na CHoC0CHo — * CH - C - CH-COCH-.3 I 2 3 \------- 3 i 2 6
0CoH c 0CoE_2 5 2 5
(c) The decomposition of this intermediate to give 
sodium ethoxide and acetylacetone:
oSa
I +  „
CH0- C - CHoC0CHo — * CHoC0CHoC0CHo 4- Na OC^Hh 3 j 2 3 r~—  3 2 3 2 5
OC2H5
Under these basic conditions the $~diketone exists as the 
sodium salt Na .(CHoC0CHC0C.Ho) . It can however be isolated 
by first removing the solvent and then neutralising with 
acid.
An alternative method involves acylation of a ketone 
with an ester or acid anhydride in the presence of boron 
trifluoride. Thus reaction of the latter with acetic 
anhydride leads to the formation of a carbonium ion (I), 
and with the ketone to an enol type complex (II) which can 
then undergo condensation to yield the boron trifluoride 
complex (III) of the $-diketone. Subsequent decomposition 
by refluxing with an aqueous solution of sodium acetate 
leads to the required product;
(CH3C0)20 + BF r.ir t = o + CI^COOBF
ch3+ bf3
9-BF3
CH0 = C - CH0 + H 2 3
(ID
.+
CH0C = 0 + CH0 = C - CH
0 - BF
1
0 B
II
ch3c - ch2
F--0 
3 \
■HF
V
Na ’ { CH3COCHCOCH3 } <■
+ NaAc 0 O
CH0C -CH~ C - CH03 3
(III)
Trifluoromethyl groups are usually introduced into 
organic compounds in one of four ways:-"
(a) Fluoride exchange of the trihalomethyl group e.g*
(b) Reactions of sulphur tetrafluoride withacarboxylic
2acid group or derivative e.g.
o ■ ■
c
X n, C0oH
c 2HN
l
>C
0 ' N "I
H
O
li
c
HN Cx ~
it SF4. < excess > i
N  50 °  2 4  h r  s
H^O <excess >. ^
1 H
11
N
(c) Addition of CF3X(X “ I/Br) to an unsaturated compound 
.3e.g.
ByridjUre
2 H 5o r ^ ^
CFr
Steroid
(d) Condensation reaction with compounds containing a
CF^ group. This was the method chosen for the present
work, ethyl trifluoroacetate being employed to prepare some 
fluorinated 3~diketones:-
■c h3coch CH COCF
(4) V
EtONa,Et O, 
Reflux. 50 hrs.
CF3C°2C2H5 EtONa, Et 0.
cf3coch2coch3
(70%)
(acetyltrifluoro-
acetone)
Q  COCH.
(5) V
-COCH C0CP3
(92.5%) C^H_C0CH 
5 5 3
Reflux, 50*"hrs. ^
CF COCH2COCgt 0CH(hexafluorcacetylac 
4 (75%)
(5)
OCH„COCF
■s
V  MeONa
90°C, 12 hrs,
. (88%)
(70%) (5)
C^H-XOa-FCOCF,6 5 2 3
(Benzoyltrifluoroacetone)
3
tons 'i
1:2 EXPERIMENTAL PROCEDURE
A series of ring substituted (meta and para positions)
benzoyl trifluoroacetones were prepared using the Claisen
condensation between ethyltrifluoroacetate and the
appropriately substituted acetcphenone. A typical
procedure was as follows and is similar to that used by
5Reid and Calvin
Commercially available methanol was purified and made
6"super-dry" by a standard procedure . The similarly
6obtained diethyl ether was purified and kept over sodium 
wire. Ethyltrifluoroacetate was distilled and the middle 
fraction (B pt60-l°) used for the preparations. The 
acetophenones that were solids were first recrystallised 
and then vacuum sublimed; for those that were liquids 
distillation at atmospheric pressure or under vacuum, was 
carried out. The boiling and melting points are given in 
Table 1:1.
<
A freshly cut piece of sodium metal (1f05 mole) was 
dissolved in a mixture of "super-dry" methanol (10 ml) and 
diethyl ether (20 ml) in a 250 ml two necked flask. The 
latter was equipped with a dropping funnel, a megnetic 
stirrer and reflux condenser; the system was also 
protected against moisture. To the turbid solution was 
added with stirring and in a dropwise manner ethyltri-
fluoroacetate (1 mole), followed by the appropriate methyl 
ketone (1 mole). The mixture was refluxed for about 20 
hrs. in order to complete the reaction. The solvent was 
then evaporated off, using a rotary evaporating pump under 
vacuum. The residue was dissolved in a small amount of 
methanol and to this an aqueous solution of cupric acetate 
(over k mole) was added with constant stirring over the 
course of 30 min. The copper chelate of the 3-diketone 
was precipitated, filtered off, and dried. The 3-diketone 
itself was released from the chelate by steam distillation 
from a 10% concentrated sulphuric acid solution of the 
complex.
After separation from the water in the distillate the 
diketone was dried over P~0C under vacuum. Purification 
was carried out in the case of liquids by distillation under 
vacuum and in the case of solids by recrystaiiisation from 
an ethanol-water mixture followed by drying over F2°5 an^ 
final .vacuum sublimation. It was customary practice to 
obtain ultra-violet, infra-red and nuclear magnetic 
resonance spectra of all the compounds prepared. The 
melting and boiling points, together with the literature 
values are given in Table 1:1.
Table lsl Melting and Boiling Points of Ketones used and
3-diketones synthesised.
Ketone
Acetone
Aceto-
phenone
m-NHp-
Aceto-
phenone
p-OH~
Aceto-
phenone
p -n o 2-
Aceto-
phenone
p-Br-
Aceto-
phenone
p-Me-
Aceto-
phenone
p-tert. 
But- 
Aceto- 
phenone
p-OMe-
Aceto-
phenone
p-NHp-
Acetor
phenone
p-Cl-
Aceto-
phenone
m-Br-
Aceto-
phenone
m-NOp-
Acetd-
phenone
m-OMe
Aceto-
phenone
M-.Pts. 
obs. lit.
B.Pts 
obs.
3-diketone
lit
M.Pts
obs.
96-7
78-9
56-7/
760
202/
760*nm
56.2/
760
202/
760
99
109-10 109-10
80-2
50-1 50-1
226/
760
145/
14
22 6/ 
7 60
154/
17
36-7 38-9
105-6 106
20 20
42-3
75-6 81
Acetyl tri- 106/760 
fluoro acetone
Benzoyl tri- 
fluoro acetone 38-9
124/
12
126/
12
m-NHp-Benzoyl
trifluoro 
acetone
p-OH-Benzoyl 
trifluoro 
acetone
P-N09-Benzoyl 
trifluoro 
acetone
p-Br~Benzoyl-. 
.trifluoro 
acetone
p-Me-Benzoyl- 
trifluoro 
acetone
p-tert.But- 
Benzoyl 
trifluoro 
acetone
p-OMe-Benzoyl- 
trifluoro 
acetone
p-NHp-Benzoyl 
trifluoro 
acetone
p-Cl-Benzoyl
trifluoro
acetone
m-Br-Benzoyl
trifluoro
acetone
m-NOp-Benzoyl
trifluoro
acetone
m-CMe-Benzoyl
trifluoro
acetone
127-8
144-5
99-100
55-6
603-613
55-6
127-8
60-1
41-2
89-90
30-1
lit.
107/760
38-9... 
38-40c5
56—7
a
603 -61.fJ
a, Ref 7 
b Ref 5
tr 
0)
1:3 Analysis of 8-Diketones
All the prepared 8-diketones were analysed for carbo
hydrogen and where appropriate, nitrogen; no analysis
6
for fluorine was possible. It was found that in order 
that compounds be completely combusted a furnace 
temperature of 900° had to be used. All analyses were 
done in duplicate and the average results are given in 
Table 1:2.
Table Is2 Analytical data for the synthesised 3-diketones
8-diketone Theoretical Practically Ob ta.ine<
%C % H % N %C %H %N
Benzoyl trifluoro 
acetone 55.57 3.27 55.53 3.24
p~Gl~Benzoyl 
trifluoro acetone 47.93 2.41 «. 47.79 2.46
p-Br-Benzoyl 
trifluoro acetone 40.71 2.05 — 40.62 1.94 —
p-NH^-Benzoyl- 
trifluoro acetone 51.96 3.49 6.06 51.73 3.31 6.05
p-OH-Benzoyl 
trifluoro acetone 51.73 3 • 04 — 51.83 2.98
p-Me-Benzoyl 
trifluoro acetone 57.4 3.94 — 57.01 3.75
p-NOp“Benzoyl 
trifluoro acetone 45.99 2.32 5.36 46.13 2.27 5.39
p-tert. Butyl- 
Benzoyl trifluoro 
acetone 61.76 5.55 61.78 5,45
p-OMe-.
Benzoyl trifluoro 
acetone 53.67 3.69 53.37 3.67
m-NH?-.
Benzoyl trifluoro 
acetone 51.96 3.49 6.06 51.59 3.40 6.04
m-Br-'
Benzoyl trifluoro 
acetone 40.71 2.05 41.18 1.99 _
m-N02-
Benzoyl trifluoro 
acetone 45.99 2.32 5.36 46.16 2.23 5.37
m-OMe-
Benzoyl trifluoro 
acetone 53.67 3.69 53.65 3.76
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2.1. Introduction
The ionisation of carbon acids can be treated from 
both thermodynamic and kinetic aspects. The thermodynamic 
acidity is concerned with the position of equilibrium 
between the acid and its conjugate base whereas the kinetic 
acidity pertains to the rates at which the acid donates a 
proton to a base.
Proton transfer between electronegative atoms such as 
nitrogen, oxygen, sulphur and halogens, occur so rapidly in 
solution that they can be examined kinetically only in 
special cases by special methods. This is the reason why 
the concept of kinetic acidity has been applied most 
frequently to carbon acids, since here the races at which 
protons are donated can frequently be easily followed.
One of the important factors governing the acidities o
acids.is the electron attracting ability of the atoms or
groups to which the hydrogen is attached. The last four
elements of the first period form the simple hydrides
CH., N.H_, Ho0 and HF. Of these the last named is an acid 
4' 3' 2
in the usual sense of the term? both H^O and NH^? whose 
conjugate bases OH and NH^ respectively, are well known' 
entities, are also acids in terms of the Bronsted- 
Lowry concept. Methane however shows only the most 
feeble of acidic properties - rates of isotppic exchange
His
 ^ i
i; is'" zs 
ni
 ^i s1- 3 j * P1
k is? ; fB
°  i sx i &  zi~ (*1
r- 1!?' )S‘- 1P-'-
H
X’> ^  *■•
r<«-
k
r3>
■
t*v o  i-
>
CA
<3^
T
are slow even in the most highly basic of media, and like 
many other paraffin hydrocarbons its pKa is thought to be 
well in excess of 40.
The insertion of one or more strongly electron attracting 
groups (or atoms) into the methane molecule can give rise 
to compounds whose acidities cover a wide range (more than 
30 pK units) and which are in some cases stronger than 
mineral acids (Table 2.1). The common activating groups 
are arranged in the following order as to their ability 
to acidify carbon-hydrogen bonds
N02 > CO > S02 > COOH > COOR > CN fa C0NH2> halogen, 
this being somewhat different for the case of oxygen-hydrcgen 
bonds, where the order is S02 > N02> COOH - CN > CO > halogen. 
It is also interesting that in some series the effects of 
adding several substituents of the same kind are not strictly 
additive.
The substitution of highly electronegative atoms for
hydrogen at a site somewhat removed from the ?C - H bond
undergoing ionisation can also increase the acidity of the
compound. This explains why the pK of chloroacetica
acid (2.76 at 25°) is nearly 1.5 units less than that of 
acetic acid; trichloroacetic acid (pK - 0.7 at 25°) is in' 
fact comparable in strength to sulphuric acid. For 
carboxylic acids the effectiveness of various substituents 
(or groups) in increasing acid strength is in the order
Table 2.1. Effect of Different Groups on the Acidity o: 
Carbon Acids1.
Carbon Acid pKa Carbon Acid PK
CH3N°2
CH2 (N02 ) 2
CH(N02)3
ch3coch3
ch2 (coch3)2
CH(COCH3)3
11
o
20
9
6
CH.SO.CH. 
3 2 3
CH.(S0oCHo) . 
/l 2 3 2
ch(so2ch^)3
c h 3c n
CH2 (CN)2
CH (CN)
23
14
0
25
12
0
F > COOH > Cl > Br > I > OH > C rH c > H > CH6 5
Another factor that influences acidity is the position 
of the activating group with respect to that which is - 
undergoing ionisation. Thus, the pK^ at 25° of a-chloro, 
B-chloro and y~chlorobutyric acids are 2.8, 4.1 and 4.8, the 
latter value being the same as that for butyric acid 
itself. It is clear that electron displacement can be 
transmitted along the chain but that each additional carbon 
atom greatly weakens the effect.
The acidities of 8~diketones have been the subject of 
some study (Table 2.2). In the case of the most extensively 
studied compound, acetylacetone, several methods have been 
employed and the agreement obtained is not always satisfactory. 
All of the pK^ values lie in the range 5-12. These 
relatively high acidities reflect the opportunity that exists 
in these compounds for the negative charge to be transferred 
from carbon to the more electronegative oxygen atom.
Furthermore the charge on the anion can be spread over two 
oxygen atoms, leading to an increased opportunity for 
charge delocalisation.
Table 2.2. Literature values of the acidity constants of 
some $-diketones (RCOCH^COR1)
pK (in H o0 a z.
R r i Method at 25°) Ref.
ch3 CH.3 Potentiometric 8 * 88
8 ‘94b8.67
8.98
8 e 97
3
4
5
6
Spectro-
photometric
9.01 
8/77 
9.03 
8.95 
8.84 
8 P 90
ry <3. $ b
q a , jd , v.
10
11
12
Kinetic 9.30 
9.06
13
14
Conductometric 7.34 15
C>H_ 6 5 C 6H5 8.95 16
C 2H5 C 2H5 9.55a
17
<CH3)2C H .
(c h 3)2c h 9.82a 17
<CH3 >3C ch3 10. oa 17
(c h 3)3c (c h 3)3c 11.57a #11,77a 17,18
CKa (Ch2 ) a (Ch3 (cH2)2 9.67a 11
ch3:(ch2)3 CH3 (CH2}3 9.72a 11
CH3<CH2 )4
ch3 (CH2 )4 9.71 11
(CH_ ) - CH.CH 2 (CG3)CH.CH2 9.88a 19
C 6H5 ch3 8.3^8.7,8.25
4,15.20
a , at 20°
b, in 0.1M NaClO^ solution
2.2. Methods of Determining Acidities
These depend on the strength of the acid and as the
pK 's of e.g. carbon acids can be made to cover a very wide
range it is not surprising that a large number of methods .
have been developed. Many of these have been discussed 
21
elsewhere and need not therefore be discussed here in 
any great detail.
The intrinsic acidity constant of an acid is measured 
by the equilibrium constant for the reaction
AH  ---* A~ + H+ (2.1)
s;---------
but as this takes no account of the medium in which the 
equilibrium is set up equation (2 .1) is of little practical 
use. Invariably water is chosen as the solvent and this is 
then used,to define the standard state. Equilibrium (2.2) 
is now set up
AH + Ho0  --* A ” + H o0* (2.2)£. \---- J
so that the thermodynamic acidity constant K is given bya
K_ = a»- a„ „+/a„„ = CA 3 [H 30j fa ~ fH,0+ (2.3)
a A H3U AH --------------   £__
[a h ] f AH
where the a's are activities, f's activity coefficients on 
the molar concentration scale and £ ] denotes concentration.
The activity of water, aTJ _ is assumed to remain constant.
2
K can then be determined under conditions where the activity a
coefficient expression reduces to unity and can therefore 
be neglected or when the conditions are such that the 
relevant activity coefficients can be calculated.
Of the various methods that have been used to determine
acidity constants in the range 5 < pK < 12 the conduct-a
ance method is unsuitable and often unreliable. In some
circumstances it may be modified as was done by Ballinger 
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and Long, so that acidities in the pK^ range 10 -15 can 
be measured. Frequently the process of ionisation is „ 
accompanied by a change in the absorption spectrum of the 
acid and spectrophotometric methods have been widely employed 
in order to determine acidity constants. A more direct 
approach is that of potentiometric titration in which the 
change in the pH of a solution of the acid is measured as 
the acid is gradually neutralised by increasing concentration 
of base. Because this method is well suited to the 
determination of acidities characteristic of $-diketones 
it has been adopted as the preferred choice in the present 
work.
If the concentration of acid used is very low (< 0.01M) 
the activity coefficient term can be neglected and 
equation (2.3) simplifies to
k ' = (2.4)
a M
I
where K 0 is the concentration dissociation constant. In 
titrating a solution of the acid with a strong base such as 
sodium hydroxide it is possible to measure
(a) the pH of the solution
-J- «*•»
(b) the concentration of the salt Na, A formed - this 
is equal to b, the concentration of base added.
(c) the concentration of the free acid remaining - this 
is equal to a - b, where a is the initial concentration of 
the acid. [h+>] derives from the concentration of free 
acid so that strictly speaking [ha] = a - b . - Fh ’ 1 . 
Likewise, [A ]] = b + r so that equation (2.4) takes
the form
Ka
[h ]J Eh *]b -hE J J.H J (2.5)
{a - b - [h +]-}
If the acid is weak pH+j is negligible compared with (a - b) 
or b and equation (2.5) simplifies to
= b [H+J (2.6)
a - b
Taking logarithms we obtain
lo9io Ka = lo910[H+] + log1Q (b/a-b) (2.7)
As pH = -log10[H+] and pK& = _l°g10Ka
equation (2.7) on rearranging takes the form
pH ~ pK& + log10 (b/a-b) (2.8)
t
Values of pK can therefore be calculated for various degreesa.
of neutralisation. Alternatively a graph of pH against 
loSlO('b/ a-b) should give a straight line of unit slope and
i
the pH at the point where b = a-b gives the value of pK *- a
If the concentrations used are such that the activity 
coefficients must be retained equation (2.3) takes the form
PH = PKa + log102 J L  + l ° 3 i o V  “lo3lOfHA (2.9)
[ha]
When HA is an uncharged acid present in solution at 
concentrations less than 0.1M the f-,7, value is close to unityHA
The activity coefficient of the anion, f - can be estimated 
in a number of different ways e.g. the simple Debye-Hiickel 
theory gives
"lo910f± = Az+z- V *  (2',0)
where I is the ionic strength of the solution and z+ , z-, 
the valencies of the ions. A more sophisticated treatment 
leads to
~log^0f+ = Az+z_ Vi (2.-11)
1+ Ba° Vi
A and B are constants which vary with the dielectric constant 
of the solvent and temperature. For dilute aqueous 
solutions at 20°, A = 0.505 and B = 0.328 x 10^, a° is the 
mean diameter of the ions.
During the course of the titration the ionic strength
* t
increases and the pK ^ changes. Constancy of pK can be
maintained if the titration is performed at constant ionic
strength e.g. by using a medium of 0.1M NaCl. In this
case the value of f , is 0.78 and the pK value can be± a
determined from equation (3.2):-
pKa = pKa + log10fA~ (1,2)
Good agreement between the pK& values obtained by this method
i
and the pK value obtained from equation (2.8) can be taken 
a
to suggest that the activity coefficient expression 
correctly reflects the importance of interionic effects at 
these•concentrations.
2.3. Experimental Procedure
The meta and para substituted benzoyltrifluoroacetones 
were synthesised (Chapter 1) and acetylacetone, benzoyl- 
acetone, acetyltrifluoroacetone and hexafluoroacetylacetone 
purchased commercially. Prior to being used the solids 
were purified by recrystallisation from ethanol-water mixtures 
followed by vacuum sublimation; the liquids were distilled 
either at atmospheric or reduced pressure.
Solutions of the 3-diketones were prepared by adding 
a known weight to 3 ml of ethanol in a weighing bottle and 
then adding the contents of the bottle to a 500 ml. graduated 
flask containing doubly deionised and carefully degassed 
water. After thorough shaking to ensure that the 3- 
diketone was in solution the flask was made up to the mark 
and the solutions protected from atmospheric carbon dioxide.
A concentrated CC^-free sodium hydroxide solution was 
prepared as described in the literature. Subsequent 
solutions were made by dilution and standardised using A.R. 
grade potassium hydrogen phthalate.
The pH measurements were carried out using a Radiometer 
Titrator . with a glass electrode (Radiometer type G202C). 
previously calibrated for work in aqueous media with 0.05M 
potassium hydrogen phthalate and Radiometer S001 buffers.
The temperature control of the thermostat was always better than
± 0.05°C. The titration vessel contained a mechanical 
stirrer, a facility for passing a stream of nitrogen and 
a burette assembly. Titrations were performed in the 
customary manner usually using 50 ml of 5 x 10 solutions
-3
of $-diketones and a 5 x 10 M NaOH solution. In some 
cases a medium of 0.1M NaCl was employed. In most cases 
3 or 4 determinations of the acidities were made but in 
some instances this was not possible. Thus in the case 
of hexafluoroacetylacetone only one determination was 
carried out ~ it is worth mentioning that for this compound 
it took considerable time for the pH to reach its equilibrium 
value.
2.4. Results
The procedure for calculating the pK^ values were the 
same in each case and amount to substituting the values of 
b, a-rb and pH in equation (2.8) . At the same time a 
plot of l°g^Q(k/a-b) against pH was made and the pK 
calculated as mentioned previously. A typical calcuiatio 
is shown in Table 2.3 and Fig. 2.1 for the case of 
p-hydroxybenzoyltrifluoroacetone. Table 2.4. contains
* Qthe pK values for the 8-diketones at 25 whilst Table 2.5. a
contains the results for the 3 compounds, the acidities of 
which were measured over a temperature range.
Table 2*3. Calculation of pK value for p-Hydroxy-a
o
benzoyltrifluoroacetone in v;ater at 25.0
-4
Concentration of 8~diketone =5.00 x 10 M.
-3
Concentration of NaOH = 5.00 x 10 M.
Observation
Number
Volume of 
hydroxide 
solution 
added(ml)
pH
103 [ha] 103 [a] M I
[A l
lo % c jS I
!> J
PK a^
1 . - 5.475 0.500 - - —
2 . 0.20 5.790 0.478 0.020 23.9 1.3784 .7.17
3. 0.40 6.000 0.456 0.040 11.4 1.0569 7.06
4. 0.60 6.165 0.436 0.059 714 0.8692 7.03
5. 0.80 6.270 0.414 0.079 5.24 0.7193 6.93
6. 1.00 6,375 0.394 0.098 4.02 0.6042 6.38
7. 1.20 6.470 0.374 0.117 3.20 0.5051 6.38
8 . 1.40 6.558 0.354 0.136 2 . 60 0.4150 6.97
9. 1.60 6.639 0.334 0.155 2.16 0.3345 6.97
10. 1.80 6.712 0.315 0.174 1.81 0.2577 6.97
11. 2.00 6.785 0.296 0.192 1.54 0.1875 6.97
12. 2.20 6.859 0.277 0.211 1.31 0.1173 6.98
13. 2.40 6.925 0.259 0.229 1.13 0.0573 6.98
14. 2.60 6.995 0.240 0.247 -0.97 -0.0132 6,98
15. 2.80 7.065 0.223 0.265 -0.84 -0.076 6.99
16. 3.00 7.125 0.205 0.283 -0.72 -0.143 6.98
17. 3.20 7.191 0.187 0.301 -0.62 -0.208 6.98
18. 3.40 7.262 0.170 0.318 -0.53 -0.276 6.99
19. 3.60 7.340 0.153 0.336 -0.46 -0.338 7,00
20. 3.80 7.425 0.137 0.353 -0.39 -0.40S 7.01
21. 4.0 7.508 0.120 0.370 -0.32 -0.495 7.01
22. 4.2 7.612 0.104 0.387 -0.27 -0.569 7.04
Average pK^ value = 7.00 ± 0.03
F ig  2.1- P lo t  of pH  a g a in s t  Log^Q ( b / a - b ) 
fox1 p “ O H -  B e n z o y l t  r i  f  lu o r o a c  e tone .
7 ,3
7 .2
7 .0
6 ,9
6,8
PH
6 , 7
6,6
6,5
6 ,3
6,2
1,20,80,60 ,40,2
1 4 *Log'.jQ ( b /a  -  b )
Table 2.4. pK& Values for the 8-Diketones at 25
8-Diketone PK.
Benzoylacetone
Acetylacetone
Acetyltrifluoroacetone
Hexafluoroacetylacetone
Benzoyltrifluoro­
acetone
p-NOj
m-NOpT -
m-Br - 
p-Br - 
p-Cl-
p-OCH3“
m-NHp-
p -c h  -
p-OH -
p-NH„-z
8.74,8.75,8.74
8.99,8.98,9.00
6.83,6.75
5.35
6.56,6.63,6.49,6.48 
6.40* 6 . 38* 6.38*
5.41,5.25,5.40,5.45
5.62,5.50,5.54,5.55
6.12,6.09,6.13
6.23,6.27,6.24
6.22,6.24,6.29
6.40,6.40,6.37
6.97,6.91,6.93,6.96,6.76* 
8.92,8.93,8.94 
6.74,6.77,6.75 
7.00,6.98,6.99 
8.60,8.65,8.66
*in a 0.1M NaCl solution
Lit. Values 
See Table 2.2. 
See Table 2.2. 
4.70l,6,13a 
4.4 6a 
6.82, 6.08a
ain a O.IM.NACIO^ solution; ref (4)
t
Table 2.5. pK^ Values for 8”Diketones at various Temperatures
i
8-Diketone Temperature pK
o G
Benzoyltrifluoroacetone 25.0 6.56,6.63,6.49,6.48
30.0 6.41,6.43,6.40,6.37
35.0 6 .37,6 .37
40.0 6.29,6.28
45.0 6.20,6.19
50.0 6.16,6.14
p-Meo— «« 25.0 6.97,6.91,6.93,6.96
30.0 6.81,6.85,6.84,6.83
35.0 6.79,6.78
40.0 6.71,6.71
45.0 6.63,6.62
50.0 6.55,6.52
p-NO^- •« 25.0 5.41,5.25,5.40,5.45
30.0 5.39,5.36
35.0 5.26,5.30
40.0 5.24,5.21
45.0 5.11,5.13
50.0 5.04,5.05
2.5. Discussion
The results in Table 2.4. show that in the case of
benzoyltrifluoroacetone the p K ‘ value (avg = 6.39) obtained “ a
in a 0.1M NaCl solution is 0.15 units lower than the values
obtained without the addition of salt. In other words by
using the activity coefficient value of 0.78 in equation
(2.12). the thermodynamic pK value is 6.50 so that thea
other values given in the Table can be considered “to a *st
approximation to be true thermodynasnic values. Further
confirmation of this comes in the case of p-methoxybenzoyl-
trifluoracetone (pKr ~ 6.76, pK (using eqn 2.12) = 6.87,a a
pK = 6.94) .
These experimentally obtained acidity constants do not 
allow for the fact that many of the $--diketones exist as 
tautomeric mixtures of the enol and keto forms e.g. in the 
case of acetylacetone we have
A
[ah] = [k h ] •;-+ [e h ] where [ [j denote concentration 
and if e is the fraction of enol present in solution we have
e = IE HI - EH (2.13)
$  + [El|] m
Neglecting activity coefficients the gross, the enolic and the 
keto acidity constants are given by
Kg = EAT M / C ^ i  (2.14)
ke = [>-II CB+] /[eh] = [a-] [h'1] /e  [AH] = KG/e (2 .15)
Kk  = [a ] P O / C kiI]- [A“J C H +j/(l - e) KG/l-e (2.16)
so that
PKp, ~ pK& + log e (2.17)
pKJC = pKG + log (1-e) (2.18)
20In the case of acetyiacetone e is known to be 0.17 so
that the respective acidity constants are pK„((8.9S), pK (8.22),
G &
') o
and pK (8.91). Similarly for benzoylacetone~ where e is
0,34 we have■p K ^ (8 .74), pK^(8.27) and pKT, (8.56). For theu- &
fluorinated 3*-diketones however the proportion of enol is
usually much less. In the case of thenoyltrifluroacetone,
for example, the percentage enol has been estimated as 2 .0 ?^
2 5 261.5"' and 0.44%^. In the present work we have therefore
assumed that pK = pK .
G
Where comparison of.the pK values with the results of
other workers is possible (see Table 2.2 and 2.4) good
agreement is obtained except in the case of acetyltri-
fluoroacetone where the literature value seems far too low.
In the present work- the experimental accuracy is usually
better than ±0.03 of a pK unit (Table 2.3), Only in some
cases towards the end of a titration did the p K 5 valuestend to
a
drift. This could either be due to the onset of hydrolsis 
or because of complex formation with the sodium ions in 
solution. The risk from such complications was reduced to 
a minimum by carrying out the titrations as quickly as was 
possible bearing in mind the need for accurate measurements.
The effects of substituents on the acidity constants is 
very much as expected. Thus the replacement of a methyl 
group by a benzene ring (compare acetylacetone and benzoyl- 
acetone) leads to a 0.25 unit decrease in pK, as it also 
does in going from acetyltrifluoroacetone to benzoyltri­
fluoroacetone. Acetyltrifluoroacetone is 2.2 units more
acidic than acetylacetone and 1.45 units less acidic than
hexafluoroacetylacetone so that the effect of increasing CF^
27group substitution like that of other groups e.g; nitro , is 
somewhat less than additive.
.va*
X'l
U'^
\?
, v *\
k fP ,.
As far as substituents in the benzene ring are concerned 
there is a good correlation between pK and the Hammett 
substituent constant a '(Table 2.6 and Fig. 2.2) except for 
the p-NI^ and m-NH^ substituted compounds which are consider™ 
ably less acidic than might have been expected. Part of the 
reason, at least for the m-NH^ compound, may be because of 
hydrogen bonding between- the hydrogens of this group and 
either the oxygen or fluorine atoms of the molecule. For 
the p-KH^ compound this seems less likely and an alternative 
explanation in terras of direct resonance interaction between 
the substituent group and the reaction centre seems more 
probable. Using the at value of -1.4 for p-NH^ does in fact 
bring the point near to that defined by the a values.
28
The acidities of the benzoylacetones are between 2.0 
and 2.2 units higher than those for the benzoyltrifluoro- 
acetones, this constant difference being reflected in the 
slopes of the respective Hammett plots, l o g ^  ” i*47c/
and 1.39a for the benzoylacetones and benzoyltrifluoroacetcnes 
respectively.
One further interesting aspect of the acidities of
diketones is their dependence on solvent composition. Thus
in dioxane-water mixtures the pK*s vary linearly with the mole“ a
29fraction of dioxan, so that at 74.5 vol% dioxan they are from 
1 - 4  units higher than in purely aqueous conditions.
However in a 46% (by volume) aqueous acetone solution at an 
ionic strength of 0.1M the acidity of acetyltrifluoroacetone
Table 2.6. Acidity Constants for a series of ring-substituted
o
Benzoyltrifluoroacetones and Benzoylacetones in Water at 25 »
_____________________ PK«-_______________:---
Substituent a Benzoyltrifluoroacetones Benzoylacetones
Value
1. p~N02 0.778 5.38 t 0.06 7,57
2. m-N02 0.710 5.54 ± 0.03 7.69
3. p-Br 0.232 6.25 ± 0.02 8.40
4. p-Cl 0.2.27 6.25 ± 0.03 8.42
5. m-OMe 0.115 6.39 ± 0.01 , 8.55
6 . H 0 6.54 ± 0.05 8.71
7. p-Me -0.170 6.75 ± 0.01 8.99
8 . p-OMe -0.268 6.94 ± 0.02 9.21
9. m~Br "0.391 6.11 ± 0.02
10.m~NH2 -0.161 8.93 ± 0.01
11.p-OH -0.37 6.99 ± 0.01
12.p-NH2 _ -0.66 8.64 ± 0.02
13.p-t-Bu -0.197 ~ 8.92
14.p-iPr -0.15 - 8.93
15.p-F +0.062 - 8.67
F i g 2 . 2 . P l o t  o f  p k^ , v e r s u s  cr- f o r  0 , B e  n  s o y l t r  i  13 u  o r o  a c  e t  o n  e s a n d  
e , B e n z o y l a c e , t o i i e s .  N u m b e r s  r e f e r  t o  T a b l e  2 . 6
9 , 0
1 3©
8,0
7 , 0
6,0
2 \
5 , 0
0,1 0 , 50 , 7 0 ,3 0 , 7cr~
(5.81) is nearly one unit lower than in aqueous media and
that for benzoyltrifluoroacetone (6.17) only about 0.4 of a 
30unit lower. These differences are only capable of 
rationalisation when more is known about the activity co­
efficient terms, f*-p fTT ± and £*„ in various media.A HLO AH
3
Very little information is available concerning the
thermodynamic functions AG°, AH° and AS° for the ionisation
of carbon acids. We have therefore measured the acidities
of three acids, benzoyltrifluoroacetone, and the p-NO^ and
p - MeO acids over a tempterature range in order to obtain
othese functions. The free energy change AG is given by 
equation (2.19).
AG° = -RTlnK = 2.303RT x pK (2.19)
a c a
If values of K are available over a range of temperatures the 
a
enthalpy change AH° is given by the V a n ’t Hoff equation:-
dlnKa „ AH (2.20)
dT RT2
This equation assumes that AII° is independent of temperature.
In fact
H = AC
PdAH - AC° (2.21)
aT
where AC ° is the heat capacity change at constant pressure.
P
When ACp° ^  0 equation (2.20) yields AH° values of
unsatisfactory accuracy. In our work the plots of pK against 
1 were linear (Figs. 2.3,2.4 and 2.5) and it was assumed 
that AC° = 0 .
Fig2.3-Plot of pK a g a i n s t  1 0 /rj, f o r  p -  N Be ns o yl
t r i l l  u o r  o a c e t  o n e *
5,4
5,3
5^+“
5,1
.5,0
31 0
Fig2.4- Plot of pX a g a i n s t  ! 0/p for B e  n z o y l t  r i f i u o r o  a c e t o  ne„
6.6-
6.4
pK
6,3-
6,1
3 3 031 0
Fig 2,5. P lo t  of  pK a g a i n s t  1 0/rp f o r  p - O M e  -  B e n s o y l
t r i f l u o r o a c e t o n e *
6,9
6,8
6,7
6,6
6,5
310 3 3 0
The standard entropy change AS° was then obtained from 
equation (2 .22):-
AG° . = AH° - TAS° (2,22)
The thermodynamic functions have been brought together in
31Table 2.7 as well as literature results for acetylacetone
32and various nitro-compounds . The results for the first 
compound show that the AH° values are virtually the same for 
all 4 3-diketones but that substantial variations in AS° 
exist. In all cases the decrease in AS° can be attributed 
to the fact that the -ve charge of the carbanion imposes a 
certain ordering effect thereby lowering the entropy of the 
carbanion relative to the neutral acid. The large 
differencesfor the p-MeO and p-NO^ compounds suggests that 
these substituents also involve themselves in solute-solvent 
interactions, probably resulting in a restriction of internal 
rotation. The less negative AS° values for the fluorinated 
3*-diketones can be taken as evidence of intramolecular 
hydrogen-fluorine bonding in the neutral acid.
36Christensen and co-workers have noted a general linear 
relationship between AG° and AS° values for the ionisation
3 1of carboxylic acids in aqueous solution and Larson and Hepler
have observed a similar relationship for a series of
31substituted phenols, subsequently expressed as
-AS° = 2.31AG° - 4.34 (2.23)
Table 2,7. Thermodynamic Functions for the Ionisation of 
Carbon Acids at 25°.
Carbon Acid AG°
. O o 
AH TAS
.cals/mole ---
AS°e.u.
Referen<
1 . Benzoyltrifloroacetone 8.91 3.62i -5.29
“17.7 this wo:
2 . p-Meo- n 9,47 3.65 -5.82 “19.5 !? ;
3 . ii 7.39 3.62 -3.77 -12.6
it si
4. Acetylacetone 12.2 3.55 -8.65 “29 31
5. Benzoylacetone 11.92 (3.55) *~3.37 “28 this wo:
6 . Nitromethane 13.94 5.93 -8.01 “26.9 *3 0
7. Nitroethane 11.63 2.40 “9.23 “31.0 32
8 . 2-Nitropropane 12.25 2.58 “9.67 “32.4 32
9. 1-Nitropropane 10.5 0.08 “10.42 “35,1 32
10. Malononitrile 15.28 13.4 “1.9 “6.4 33/34
11. Trinitromethane 0.21 1.59 +1.37 +4.6 35
Value assumed to be the same as that for acetylacetone)
Fig' 2.6. P l o t  of A G  v e r s u s  AS. N u m b e r s  r e f e r  to T a b l e 2 . 7 s
N.
o
in
The data in Table 2.7 when plotted in Fig.2 .6 shows a 
good linear relationship for the 3-diketones, the point for 
trinitromethane also being on the same line. However for 
the other four nitrocompounds (nitromethane, nitroethane,
1 and 2-nitropropane) theirend is in the opposite direction 
with AS° becoming more negative as AG° becomes smaller.
It does therefore seem that these nitro-compounds are also 
anomalous in this respect also (see P 6 5 )=although it should 
be pointed out that the 3-diketones studied here when 
considered in their enolic forms resemble closely the 
phenols. It will be interesting to see whether more data 
will show results similar to them or if not whether they 
resemble the results for malononitrile which shows a big 
deviation from the linear relationship.
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3.1. Introduction
The transition state theory of. reaction kinetics does 
not make it possible to calculate the rates of reactions in 
solution. This will only become possible when more is 
known about the transition states through which all reactions 
must proceed. Several approaches such as the use of 
primary hydrogen isotope effects and solvent isotope effects 
are frequently employed for such purposes. In measuring 
the rates of ionisation of carbon acids such as the 3~ 
diketones the two parameters most amenable to experimental 
observation are the velocity of the reaction and the base 
strength of the catalyst. The main objective of the 
present work is to see how rate-equilibria correlations of 
this kind may be used to define more closely the structure 
of the transition states in the ionisation of various 3*” 
diketones.
1-3According to Eigen the mechanism of proton transfer 
from an acid RH to a base B is made up of three steps;-
(a) The diffusion of the reactants towards one another to 
a distance close enough to facilitate hydrogen bridge 
formation between the donor and the acceptor;
(b) The formation of the hydrogen bridge and the transfer 
of the proton - the tendency to form hydrogen bonds is in
the order 0H....0> OH. . . »N, NH. . .0 > NH. . ,N »  CIi. . .0, 0H...C;
A  ’
(c) The separation of the products.
For a variety of oxygen and nitrogen acids it has been 
shown that (1) the rate of proton transfer is diffusion 
controlled in the thermodynamically favoured direction and 
is independent of the ApK difference ~ '
(2) in the reverse, 1 slow15 reaction the reaction 
exhibits general catalysis with a Brfinsted coefficient, 
a or 3/ of unity;
(3) the limiting Br6nsted slopes (0 and 1) hold genera 
except for a small changeover zone in the region ApK = 0;
(4) in the transition state the proton is entirely 
transferred to one base or the other, the exception being 
when ApK = 0 where intermediate proton transfer is the rule
(5) primary hydrogen isotope effects, except in the 
region ApK = 0, are quite small.
For carbon acids, however, the picture is a'good deal
different. Brdnsted coefficients often differ considerably
from the limiting values.of 0 and 1 and kinetic hydrogen
isotope effects are large over a range of base strengths as
can be seen from recent work. Thus in the detritiaton
a
of 1,4-dicyanobutene‘ (pk r 21) the Brdnsted 3 is 0.94 
for phenolate bases and 0.98 for secondary amines. For 
hydroxide-ion catalysis the primary hydrogen isotope effect 
kTT/k„ = 3.9. Calculations of the reverse rates for
n  u
reaction between the carbanion and the conjugate cicid
6 8 •” Xspecies show that they are in the range 10 - 10 M S ^ ,
not quite diffusion controlled. Some steric hindrance 
is also observed when using the methyl-substituted 
piperidines as catalysts. These findings suggest that the 
proton is almost entirely transferred from RH to B at the 
transition state. For the reaction involving the hydroxide 
.ion the rate is some 3 'powers of ten less effective than 
predicted from an extrapolation of the phenolate correlation.
Similar behaviour to the above acid has been observed
for the more acidic malononitrile (pK = 11,2) and t-butyl-
malononitrile^'  ^ (pK = 13.1), The Brfinsted plot for
catalysis by carboxylate anions gives a $ value of 0.98 for
both compounds, the points for OH and H^O being displaced
once again from the linear relationship. The primary
hydrogen isotope effects are very low - for malononitrile
(kTT/km )TT ~ = 1.71, and for t-butylmalononitrile (kT./km )TT ~H J. rl~U 11 i Jri^ U
Z
- 1.64, (kHA T )0A c  = 1.74. The reverse rates are almost 
8 —I “1constant (10 M S ) implying a virtually diffusion-controlled 
process.
Bromomalononitrile (pK = 7.81) also behaves like the other
malononitriles but the behaviour of p-nitrobenzylcyanide
7 8(pK =13.4) is considerably different.' The Br6nsted £ in 
this case is only 0.6 and the calculated rates for the 
reverse reaction considerably slower than the diffusion limit, 
behaviour which is more in line with that of £~diketones
and nitro-paraffins. For this compound the proton is only
partially transferred in the transition state. This 
difference in behaviour between malononitrile and p-nitro~ 
benzylcyanide is ascribed to the much greater changes in 
bond lengths that are necessary when the latter compound 
undergoes ionisation.
8The recent study by Margolin and Long on the
detritiation of chloroform in aqueous buffer solutions shows
that only catalysis,by the hydroxide ions is observed.
The entropy of activation for the process is .+ 15 eu, nearly
25 units more positive than is customary for a reaction
between a neutral molecule and a negatively charged ion
(see Chapter 5) . The primary kinetic isotope effect is
low (k„/k_J = 1.42 and a Br&nsted 3 value has been obtained 
li u
by studying the rate of the reaction in highly basic media. 
The slope of the log kT against H__ + l o g ^ f ^ o ]  /£o r  H plot 
is 0.98, a value that is amongst the highest reported so 
far (Table 3.1.). On the basis of these findings it can 
be concluded that the proton removal reaction of chloroform 
is fully normal in the Eigen sense, the sole example so far 
of carbon acids behaving in this manner. The fact that 
the charge on the carbanion is so well concentrated on the 
carbon atom and that negligible reorganisation is necessary 
before proton transfer can occur are both contributing 
factors as hydrogen bond formation is that much easier 
under those circumstances.
Table 3.1. Brflnsted 3 values from Hydroxide ion c 
in Highly Basic Media
Carbon Acid pK 3* Refa
Acetophenone 19.5-20 0.47(avg) 9
(-) Menthone ~21 0.48 10
(d)-PhenyImethy1-
acetophenone ~20 0.49 11
9-t-Butylfuorene 23.4 0.70 12
Nitroethane 8.6 0.72 13
1-4-Dicyanobutene ~21 0.71 8
Chloroform ~2.4 0.98 8
Dimethyl sulphoxide ~32 0,93 14
2-Methyl~3“
phenylpropionitrile ~30 ~ l d  16
*slope of log k vs plot.
It has been known for some time that the acidities of
the nitroalkanes CHoN0ot CH-CHoN0o, (CH0)oCH.N0o increase3 Z } 3 Z Z 3 2 2
in this order whereas the rates of hydroxide-catalysed
deprotonation decrease in the same sequence. However only
recently have attempts been made to understand this unusual 
' I 7H 9
behaviour. The existence of an inverse .relationship and 
with it the fact that the Brdnsted exponent can not be 
taken as a guide to the position of the transition state 
along the reaction co-ordinate has important implications. 
Subsequent studies have shown that the effects of sub­
stituents in the systems ArCHCH^NC^ and ArCH^CHCH^NO^ are
such that they influence the rates more than they do the 
20equilibria.
BrGnsted relationships may be generated by varying
either of the conjugate pairs involved in an acid-base
equilibrium and the 3 values obtained by both methods
usually agree e.g. malononitrile and t-butyl-malononitrile,
4 6considered by Long ' as general acids in the transfer of a
proton to the bases formate ion and water give values
close to unity as obtained from catalyst variations.
However for the nitro-compounds only when the catalyst
variations are employed do the 3 values fall within the
21customary accepted limits of 0 and 1. This seems to 
imply that the interactions between a series of related 
nitro-compounds and a single base are considerably differen 
from those in which a single nitro-compound reacts with a
number of different catalysts and this is the approach that 
19Kresge has taken in order to account for the different
18behaviour. Marcus has also mentioned that structural 
variations in the base are unlikely to change the intrinsic 
barrier for proton transfer so that 3 values obtained in 
this way tend to reflect the position of the proton in the 
transition state fairly well.
22' In a recent study of the detritiation of phenyl- 
acetylene the reaction was found to be subject to general 
base catalysisj for 5 primary amines the BrSnsted exponent 
3 is 0.97. Isotope-effects, determined by measuring initial 
rates of incorporation of tritium from the solvent into 
phenylacetylene and phenylacetylene-d, are within experimental 
error of unity - for reaction with hydroxide ion 0.S5
and for 1-methylimidazole k^/k^ - 1.17. The absence ofn D
an isotope effect implies that proton transfer is not
taking part in the rate-determining stage of the reaction.
The unit Br5nsted slope confirms this and shows further
that proton transfer occurs before the rate-determining step.
Replacement of the original proton in the hydrogen-bonded
complex between phenylacetylide ion and the protonated
proton acceptor, either by diffusion apart of these two
species or rotation of a new hydrogen into a hydrogen-bonding
position is the slow step of the reaction. Once more- the
point for hydroxide ion misses the Brfinsted correlation,
2this time by a factor of 10 . This is probably due to trie 
fact that phenylacetylene is a poor hydrogen bond donor so
that considerable expenditure of energy is involved in 
forming the encounter complex. The behaviour of the 
hydroxide ion becomes less anomalous when the acid is a good 
hydrogen bond donor.
Heterocyclic carbon acids contain ionisable groups other
than “O H  so that the molecules can undergo reaction in a
protonated or deprotonated form rather . than as the neutral
23molecule. Thus the benzimidazoles undergo isotopic
+exchange in the protonated form (Rh^) whereas the 9-substituted 
24purines undergo exchange in both the protonated and 
neutral(RH) forms. In all cases overwhelming catalysis by
•j-
the hydroxide ion is observed and reaction between RH^ + OH 
is predominant at the lower pH (3 - 8) values and that 
between RH + OH at high pH. ‘In these compounds the negative 
charge is very localised and little reorganisation is 
necessary to accomplish exchange; such a situation contrasts 
markedly with that observed in the.case of 8-diketones.
25A study of the rates of ionisation of aromatic hydro­
carbons (triphenyl-methane, 9-phenylxanthene, fluorene,
o
9-ethylfluorene, 9-phenylfluorene and 2,3-benzfiuorene) m  
ethanolic solutions of dimethyl sulphoxide has brought to 
light significant differences between relative ionisation 
rates and equilibrium acidites. • Thus 9-ethylfluorene and 
fluorene have almost the same acid strengths but the former 
is ionised some ten times more slowly than the parent
compound. A more striking inconsistency appears when 
dimethyl sulphoxide is compared to triphenylmethane.
Although there is evidence to indicate .that their 
equilibrium acidites are fairly near one another in most 
media, with dimethyl sulphoxide being the weaker of the two, 
the latter ionises at a rate 20.0times faster than does 
triphenylmethane.
The activation parameters for the ionisation of four 
carbon acids (Table 3.2) shows that in a given medium the 
weaker the acid the less favourable is both the activation 
enthalpy and entropy. It is particularly interesting 
to note that the increase in ionisation rate of fluorene 
that accompanies an increase in the DMSO content of the 
medium is the result of both activation parameters, enthalpy 
and entropy, becoming more favourable, the latter by 22.6 . e
Compounds of the general form ( I ^ S C ^ ) M0/
= Me, Ph, Br) are considerably more acidic (Table 3.3) 
than the monosulphones, which are estimated to have pK value 
in the range 22-30. Their halogenation is also much 
simpler than for the- corresponding ketones since no analogue 
of the enol form is known to exist and the carbanion is the 
only reactive species. For the base-catalysed proton 
transfer form 1,l~bisethylsulphonylethane (B = carboxylate,
2 g
hydroxide, m-nitrophenolate ions and water) a Br&nsted
plot gave a 8 of ca. 0.8. If however the hydroxide point
27
is excluded as well as that for 1^ 0 , & = Kibbert
Table 3.2. Activation parameters for the detritiation of 
hydrocarbons in mixtures of ethanol and dimethyl sulphoxde 
containing 0.01M Na-OEt.
Compound Mole% AH*" AS*
DMSO k.cal.mole e.u.
Triphenylmethane 62.5 23.3 -2.3
9-Phenylxanthene 62.5 21.1 0.5
9-Ethylfluorene 62.5 16.7 5.9
Fluorene 62.5 14.4 10.2
Fluorene 10.0 17.2 -12.4
27Table 3*3. Acidities and Rates of Ionisation of Disulphones 
Tk f detritiation rate coefficient, k^, rate constant for 
proton transfer assumes k^/k^ = 3,1 and a factor of 2 for 
those acids with two dissociating proton
Carbon Acid pK 10^kT (sec *■ ) 105kx (M 1 S*1 ) lcf;LOk l(M
(PhS02 2CH2 11.21 3.65 4.08 2.1
(EtS02 2CHPh 12.12 1.90 1.06
0.045
(EtS02 2CH2 12.20 27.5 30.7 1.6
(MeS02 2CH2 12.55 18.4 20.6
2.3
(PhS02 2CHMe'« 13.76 2.05 1.15 2.1
(EtS02 2CHMe 14.56 0.113 0.063 0.73
has recently shown that the point for water catalysis 
fits on the curve for other disulphones, the value of 3 
being 1.1 ±0.1. The magnitude of the rate coefficients 
for recombination of the carbanions with hydronium ion 
(TlO10 M ^5 show that the values are close to those 
expected for a diffusion controlled reaction. Isotope 
effects are available for (EtS0o)„CDMe - (k^/k-,)^ _ = 1.8,
jL d* Jri U 2
(kH/kD )oAj- = 2.1, and (kHA D )0H'“ = These low
values as well as the above evidence show that the behaviour 
of the disulphones approaches closely to the behaviour of 
normal oxygen acids.
In the present work we have studied the rates of water- 
catalysed detritiations of a series of meta and para- 
substituted benzoyltrifluoroacetones and compared the 
results with those obtained for other £-diketones. in 
addition we have studied the rates of various base catalysed 
ionisations for benzoylacetone and benzoyl ■— trifluoroaceto 
Where studies over a temperature range have indicated to us 
that we might obtain further information concerning the 
transition states for these reactions we have made such 
studies.
3.2. Methods of Following Rates of Ionisation.
Rates of halogenation (usually bromination and sometimes
28iodination) are frequently employed for this purpose. The
reaction scheme may be written as
ki ' ■ -
RH2 + B -=-> RH + BH
' RH~ + Br0 ££££-> RHBr + Br~
■^ 2RHBr + B -=-t> RBr + BH
RBr + Br^ *--->  RBr^ + Br
The first step is usually rate-determining as the rate is 
independent of whether bromine or iodine is used as the 
halogenating agent. The method is at its simplest when 
only mono-substitution occurs but in several cases e.g. 
ethyl nitroacetate, acetylacetone and acetone more than 1 
mole of bromine is taken up per mole of carbon acid.
In the early work samples of reaction mixtures were
withdrawn; the reaction quenched and the change in bromine
(or iodine) concentration determined by titration. Nowadays
it is.more convenient to follow changes in a particular
absorption band e.g.the rates of bromination can be measured
29by observing changes in the absorption band" at 390 nm
(eBr2 “ 196) if the other reactant and products do not
absorb In the same region. Alternatively the wavelength
of 500 nm (£R „ = 20) or the tribromide absorption at 500 nm
31(e = 860) may be used. When the rates of reaction become
very fast a stopped-flow instrument may be employed. For
compounds like nitroethane which ionises much more slowly
than one would predict from its acidity it is possible to
measure rates of ionisation directly by following the
31appearance of the anion.
Electrochemical methods are widely used. Bromine
*"8concentrations down to 10 - 10 M can be measured so that
37
a wide range of reaction velocities can be f-llowed " e«,g.
for a relatively unreactive ketone it is possible to make
accurate measurements on less than 15% of the total reaction
by using a very low concentration of bromine in the presence
of a large excess of ketonewhereas fairly fast reactions
(second o rder rate constants ~ 10 M S ) can be studied 
./
by following changes in bromine concentration through 
several powers of ten.
In many ways the best method t.0 us e. IS that of isotopic 
exchange and, in particular, rates of detritiation.
Tritium is radioactive, being a weak 3"“emitter (Ea = 5,7 Kev) 
with a half-life of 12.26 years. The low energy of the
3-emission has, until the development of liquid scintillation 
counting, been a source of difficulty in  so far as tritium 
analysis was concerned. This method however offers a 
high detection efficiency, absence of self-absorption, and 
ease of sample preparation. The two major problems 
associated with it, namely quenching effects and sample 
solubility can frequently be overcome.
The technique of liquid scintillcition counting consists 
of dissolving the radioactive sample in a solution containing 
a scintillation solvent and solute. This liquid scintill­
ator converts the energy emitted by the radioactive isotope 
to a light pulse which is subsequently converted by use of 
photomultiplier tubes to electrical energy. On further 
amplification the pulse size is such that it can be 
presented in the form of a digital display (counts/minute);.
The scintillator solvent is chosen on the basis of its 
ability to absorb the energy of the 3 particle and transfer 
it efficiently to the solute - toluene is probably the 
best choice. Several primary solutes have been used for 
liquid scintillation counting - these include p-terphenyl-
2 - (4-Biphenyl)-5-phenyloxadiazole(PBD) and 2,5-diphenyl- 
oxazole (PPO), the latter being the most widely used.
Several other methods of following isotope exchange 
reactions are available (e.g. nuclear magnetic resonance, 
mass spectrometry, infra-red) but in the present work 
we have used only the detritiation procedure.
3.3. Experimental Procedure.
Details of the preparation and purification of the 
$~diketones have been given in Chapter 1. Throughout the 
work solutions were made up using boiled-out deionised 
water. Carbonate-free sodium hydroxide was prepared by 
dissolving about 10 grams of the 'A.R. grade material in 
10ml of water. The solution was allowed to stand until it 
.became clear and 5ml was further diluted to make the stock 
solution which was then protected from atmospheric 
carbon dioxide by a soda-lime guard tube. The solution 
was standardised from time to time using A.R. grade 
potassium hydrogen phthalate.
The hydrochloric acid solutions were prepared by 
dilution of the constant boiling mixture and standardised 
against NaOH. Solutions of the other acids (acetic, 
benzoic, £~phenylpropionic, isovaleric, glycollic and 
monochloroacetic) were prepared by weight and standardised 
in the same-way.
Buffer solutions were prepared by partially neutralising 
the acid solutions with standardised NaOH solutions or by 
using the corresponding sodium salts of the acids, which 
were of A.R. grade.
The tritium labelled (3~diketones were prepared by 
homogeneous exchange using tritiated water (200 mc/ml)
supplied by the Radiochemical Centre. A typical procedure 
involved dissolving the compound (~0.5g) in sufficient AR. 
grade dioxan (3ml) as to bring it into solution. A small 
quantity (~0.05ml) of the tritiated water was then added 
and the solution allowed to stand for 1 day; a small 
amount of anhydrous sodium sulphate was then added and the 
dioxan solution then poured into a beaker containing ~100ml 
of water, when the labelled 3-diketone separated out, 
filtered off and dried under reduced pressure. A stock 
solution of the. 3“diketone was prepared by dissolving 
approximately 0.5g of the labelled compound in 10ml of A.R. 
grade dioxan.
The rates of detritiation were followed by a well 
established method. Thus in the water catalysed reaction 
50ml of freshly boiled-out deionised water was allowed to 
equilibrate in the thermostat at the required temperature 
(control better than ±0.1°C). To start the reaction a 
small quantity, usually 0 .1ml of the dioxane solution of 
the 3~diketone was added, the flask thoroughly shaken and 
5ml samples withdrawn at convenient time intervals and 
injected into tubes containing 10ml of water and 10ml of 
liquid scintillator (a 3.4 g/1 solution of 2,5-diphenyl 
oxazole in toluene). After shaking and allowing the 
layers to separate most of the toluene layer was drawn off 
and added to some anhydrous sodium sulphate to remove any 
traces of water. 5ml of this solution was then added to a cq
vial and the tritium radioactivity determined using a 
Beckman LS 100 liquid scintillation counter. It was the 
general procedure to obtain more than 100,000 counts so 
that the standard deviation was better than ±0.3%.
Usually 9 samples were withdrawn and analysed and the 
reaction studied over more than 75% completion. The 
results of a typical experiment are given in Table 3.1 
and Figure 3.1.
Because the tritium concentration is v e r y  low the 
reaction follows a first-order course. Under the experiment 
conditions there is no possibility of any tritium atoms 
released from the ketone finding their way back to the 
ketone - in all the experiments the ketone radioactivity 
reduces to that of the background values (20-30 cts/min).
The relevant equation is
kT = 2.303 log a = 2.303 log C0 (3.1)
t a-x * C - C.o t
where C q and represent the ketone radioactivity at times
t = 0 and t = t. A plot of log (cts/min) against time
T
should therefore give a straight line of slope - k /2.3Q3 
Tfrom which k , defined by
Rate = CH2<3 (3.2)
T Twhere k = k„ ~-—  rL O
Ch2o]
can be obtained.
Table 3.1. The detritiation of m~Methoxy~benzoyltr«ifluoro 
acetone in Water at 25.0°C.
Time Ketone radioactivity log (cts/min)
(M ins)  ( c t s / m i n )
0 . 290,700 5.4634
10 . 234,600 5.3703
20 187,800 5.2737
30 151,000 5.1790
40 121,200 5.0835
50 97,500 4.9890
60 77,700 4.3204
70 62,600 4.7966
80 52,100 4.7168
The plot of log (cts/min). against time (Figure 3.1) gives a
“1 T “"5 1
slope of -15.78 x 10 sec from vzhich k ’ = 36.34 x 10 sec.
The second-order rate constant for catalysis by water is
therefore 36.34 .. 10 _ 6.55 x 10  ^ l.m ^ sec.^
innnrirn mi n n  X  “
55.5
Fig3j ls  PI o t o f  Lo g|0 ^Ct s / M  i  11 ) a g a i  n s t  t i m e
f o r  m - M e t  h o x y B e  n z  o y l t  r i f  l u  o r o ac  e t o  ne«
5,4.
Log(Cts/Min)
5 , 0 -
20 4 0
Timc(Mins )
1 0 08 06 0
• For the experiments with carboxylic acid buffers the 
relevant anion-catalysed rate constant was obtained by 
subtracting from the observed rate the contribution due to 
water catalysis and then dividing by the anion- concentration. 
The dependence for example of the detritiation rates for 
benzoylacetone on the buffer anion concentrations is shown 
in Figure 3,5.
3.4. Results
These are presented in the form of Tables (3.2 to 3.10)
 ^r.o
Table 3.2. Rates of Detritiation of 3“"Diketones j.n Water at 2s
T -1k , detritiation rate constant m  sec.
3-Diketone 10JkT Average Value Error
1. Benzoylacetone 55.4,54.9,57.1,54.7 55,5 .±0.8
2. Acetylacetone 68.0,65.0 66,5 ±*T*5
3. Acetyltrifluoro-34.5,33.3,32.1,34.0,32.6 33.3 ±0.8
acetone
4o Hexafluoro- 13.5,15.7,16.0 15.1 "• ±1*0
acetylacetone
5. Benzoyltrif luoro-38 .8,36 .1,37 „ 6,40.0, 38.3 ±0*5)
acetone 39.1,38.0,38.6
6 . p-N02- i! • 70.3,72.5,75.3,73.2 72.3 ±1.4
i '
7. m-N0 „- n . 59.5,60.0,65.4,63.0, 62.8 32.4
r  - 66.1
8 . m-Br- 42.2,42.4,44.1,48.0, 44.6 ±2.0
46.1
9. p-Br- . ii . 41.7,41.2,38.3,38.9,39,9 40.0 ±1.2
10.p-Cl- ii * 43.1,44.0,43.2 43.5 ±0.4
11.m-.0CH3 - H 36.3,34.9,38.8,37.2 36.7 ±1.0
36.4
12.p-0CH~- ii 21.8,21.5,21.3,21.6, 21.6 ±0
■ ■ - 21.7
13.m-NHL - ii 31.7,35.3,31.6,33.6, 33.3 ±1.0
• 34.2,3 3.6
14. p-OH - ii 19.3,17.7,17.7,19.2, 19.2 ±0.8
19.6,20.4,20.4
15.P-CH-- ' . . 27.8,27.4,28.8 28.0 ±0.5
. . V
16 .p-t-But — II 26.5,27.1,27.5 27.0 ±0.4
Table 3.3. Rates of Detritiation of 8-Diketones in the 
presence of Hydrochloric Acid at 25°.
T . '-1k , detritiation rate constant m  sec
  5  t
Acid Concentration 4— — 10 k—   ---—
(moles/litre) Benzoylacetone Benzoyltrifluoroacetone
0.01 56.0, 53.7 33.9, 40.2
0.025 55.3, 54.8 40.0, 39.9
0.050 55.6, 56.8 39.1, 33,0
0.075 55.5, 58.9 41.4, 41.3
0.100 59.1, 55.1 39.6, 40.1
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Table 3.6. Rates of Detritiation of Benzoylacetone in the
presence of basic anions at 25°.
T - I Tk , detritiation rate constant in sec and kn/
, c
catalytic constant (l.mol ^ *“1, , T sec ) . k in K^O = 55.5 x 10
Acetate (M) 0.040 0.060 0.080 0.100
105kT 326 4.44 598 756
3 T 
10 kB 67.7 64.7 67.7 70.1
Chloroacetate (M) 0.040 0.050 0.080 - 0,100
5 T 
10 k 90.7 94.8 122 135
3 T 
10JkZJ3 8.40 7.86 8.31 7.95
Glycollate (M) 0 ‘040 0.060 0.080 0.100
5 T 
10 k 144 187 242 274
3 T 
10 kB
22.1 21.9 23.3 21.8
Benzoate (M) 0.003 0.005 0.01
5 T 
10 k 68.7 77.0 104
3 T 
10 kB 44.0 43.0 48.5
2~Phenylpropionate(M) 0.005 0.010 0.015
5 T 
10 k 99.0 136 183
3 T 
10 kB 87.0 80.5 85.0
Isovalerate (M) 0.010 0.020 0.030
5 T 
10 k 163 273 372
3 T 
10 kB 107 109 106
the
-1sec
Table 3.7. Rates of Detritiat ion of Benzoyltrif luoroace tone
in the presence of basic anions at 25°.
T
k , detritiation rate constant “1, m  sec Tand k the
catalytic constant (l.mol '^sec-1. , T ) . k in H20 =
• **
38.3 x 1.0 Jsec
Acetate (M) 0.020 0.040 0.060 0.080 0,100
5 T 
10 k 98.8 155 217 267 330
3 T 
10 kB 30.2 29.2 29.8 28.6 29.2
Chloroacetate (M) 0.040 0.05 0 0.080 0.100
5 T 10 k 57.0 62.3 73.5 87.4
3 T
10 kiJd 4.68 4.80 4.40 4.91
Glycollate (M) 0.040 0.060 0.080 0.100
105kT 80.1 105 116 140
l°3kHP 10.4 11.1 9.71 10.2
Benzoate (M) 0.003 0.005 0.008 0.100
5 T 
10 k 45.7 50.5 57.4 62.5
3 T 
10 kB ' 24.7 24.4 23.9 24.2
2~Phenylpropionate (M)0.0050 0.010 0.015
5 T 
10 k 56.5 73.4 91.9
3 T 
10 kB 36.4 35.1 35.7
Isovalerate (M) 0.010 0.0150 0.020 0.030
5 T 
10 k 87.3 111 133 181
3 T
10 kg 49.0 48.5 47.4 47.6
Table 3.8. Catalytic Constants and Isotope Effects at 25°
tjs
T H ** !L 1kg, catalytic constants (l.mol ‘sec )
Benzoylacetone Benzoyltrifluoroacetone
5 T 3 H H T 5 T
Base pK,^. 10 k; 10 k" k /k 10 k; r*(BHj B B ' B
1. Water -1.75 1.00 0.20 10 0.69 1.45
2. Chloroacetate 2.87 813 367 22.6 470 1.73
3. Glycollate 3.83 2230 1250 28 1040 2.14
4. Benzoate 4.20 4520 2430 26.5 2430 1.86
5. Acetate 4.75 6750 3700 27.5 2940- 2.30
6 . p-Phenylpropionate 4.66 8420 9670 57 3570 2*36
7. Isovalerate 4.78 10 700 7000 32 4810 2.23
j o  ~7 O '®
*ratio of catalytic constants for benzoylacetone and 
benzoyltrifluoroacetone
H
•^the values of kD are taken from refs. 28 and 30B
Table 3.9. Rates of Detritiation of Benzoylacetone and
Benzoyltrifluoroacetone in the presence of various basic
anions over a temperature range.
T “1 ~1catalytic constant in 1 mol sec
Benzoylacetone Benzoyltrifluoroacetone
Temp (°C)<-— — — — -— -Id3kg—— -— — — — -- — — — — —  >
Chloro- Propionate Glvcollate Chloro- Propionate Glycollat
acetate acetate
25.0 8.13 80.4 22.3 4.70 35.1 o o
35.0
CO • 
00 
I—
1 179 50.4 15.9 127 35.6
40.0 24.1 268 77.5 27.9 210 60.8
45.0 39.4 339 102 45.9 3.76 104
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Table 3.11. Thermodynamic Parameters for Various B~D:i.ketone
Equilibxria.
1. C,HrC0CHoC0CFo + Ho0 — > C rHrC0CHC0CFo +6 5  2 3 2 6 5 3 3
AG AH TAS AS
0 u
<r— — — - k.cals/rnole — —— —
Forward 23.10 19.4 -3.70 -12.4
Equilibrium 8.91 13.62 -5.29 -17.7
Reverse 14.2 15.8 1.6 5.3
•I-
2. d -Ch P.C^H .C0CHoC0CF,, + H_0 — ^p~CHo0.C.H.CoCHC0CFo 4- Ho0 
^ 3 6 4  2 3 2 ^ 3 0 4  3 5
, AG AH TAS AS
Forward 23.53 19.65 -3.88 -13.0
Equilibrium 9.47 3.65 -5.82 -19.5
Reverse 14.1 16.0 1.9 ' 6 . 5
3. p-N02C 6H4C0CH2C0CF3 + H20 — t>p-N02C 6H4C0CH C0CF3 ' + H?0
AH TAS AS
19.56 -3.76 -12 B6
3.62 -3.77 -12.6
15.9 O O
4. C-HrC0CHoC0CHo + H„0— H3-.H..COCH C0CHo + H^S6 5 2 3 2  6 5  3 3
AG AH TAS AS
Forward 22.87 12.85 -10.02 -33.6
Equilibrium 12.2 3.55*** *-8.65 -28
Reverse 10.7 9,3 -1.4 -5.6
AG
Forward 23.26
Equilibrium 7.39 
Reverse 14.9
* value for acetylacetone.
3.5. Discussion
Although previous studies on 3~diketones have shown 
that the rates of ionisation are not subject to acid 
catalysis we carried out measurements in various solutions 
of hydrochloric acid in order to confirm this conclusion 
and the results in Table 3.3. do in fact show this to be 
the case.,
The water-catalysed rates of detritiation of a series
of meta- and para- substituted benzoyltrifluoroacetones
show the expected trend with groups such as nitro causing
a striking rate increase and others such as para-methyl a
rate retardation. When the results are plotted against
the respective Hammett substituent constants (a.1: or a )m p
Ta linear relationship between logk and a is found:(Fig*3.2 } 
only the points for the parent compound and the ra - NHL, 
substituted 3-diketone showing any tendency to deviate 
and even in these two cases the extent of the deviation is 
not much greater than the experimental uncertainty in the 
results. The slope (0.49 ± 0.02) shows that the substituent 
effects are approximately half what they are in the process 
used to define the substituent constants, namely the 
ionisation of benzoic acids.
In contrast to the above the results obtained for the 
first five compounds in-Table 3.2. are considerably 
different especially so when we take into consideration
TFi g 3«2« P l o t  of  L o g  k a g a i n s t  H a m m e t t  cr v a l u e s  f o r
Be n z o yl  t r i f l u o r o a c e t o  nes.
.T h e  n u m b e r s  c o r  r e  s p  o n d t o .  th o s e  g iv e n  in  T a b l e  3 * 2 ?
1.7
0-0,4 0,4 0,6
their acidities (Chapter 2) . This can be seen most clearly 
by comparing the results for acetylacetone, (PKG “ 8*99), 
acetyltrifluoroacetone (pK& = 6.79) and hexafluoroacetyl- 
.acetone (pl< - 5.3). Increasing fluorine substitutionGr
brings about the expected increase in acidity but the
rates of detritiation decrease by a factor close to two
for each trifluoro- group substituted. This means that
the results for benzoylacetone and acetylacetone show large
Tpositive deviations from the relationship between logk and
pK& (Figure 3.3.) found for the meta and para-substituted
benzoyltrifluoroacetones, whilst the point for hexa-
fluoroaetylacetone shows a marked negative deviation. This
anomalous behaviour, resulting as it does from increasing
fluorine substitution, can best be seen by comparing the
benzoylacetones and benzoyltrifluoroacetones. In the first
series the enol content is usually high (~30%) and the
extent of hydration small whereas the opposite is true
(see Chapter 4) for the fluorine-containing 3-diketones
It has previously been observed that hexafluoroacetylacetone
exists in aqueous solution*mainly, as the dihydrate
OH OH
i i
CF0 - C - CH0 - C - CF0
I j ^
OH OK
and ionises at a very slow rate even in the presence of 
such a strong base as sodium hydroxide. This is no doubt
due to the very small amount of unhydrated ketone present.
n u m b e r s are as in T a bl e 3*2
Log k + const
It is therefore very difficult for this compound to ionise 
if, as is thought likely, this is done by going through 
the enol-form. This finding therefore provides some 
support for the fact that enolisation is still the mechanism j 
for base-catalysed halogenation of aliphatic ketones in 
aqueous solution.
In order to obtain still further information as to the 
effects of fluorine subsitution the rates of water- 
catalysed detritiation of benzoylacetone, and three 
fluorinated $“diketones (benzoyltrifluoroacetone, p-N0oar*& 
p-OMe-benzoyltrifluoroacetones) were studied as a function 
of temperature (Tables 3.4 and 3.5 and Fig. 3.4). The 
results show that the activation energy for benzoylacetone 
is 6.5 k.cals lower than for benzoyltrifluoroacetone. To
compensate for this enormous difference the entropy of 
activation is over 21 e.u. more negative for benzoylacetone 
than it is for benzoyltrifluoroacetone. (See Chapter 5 
for a more detailed account of entropies of activation).
The energy of activation for a chemical reaction is made up 
of several contributions - these include a bonding term 
E^ due to the stretching of bonds in the reactants and 
forming new ones in the transition state, E / a repulsive 
term which comes into play at short range, and E representing 
electrostatic interactions between the reactants. It is 
difficult to quantify these various contributions but the
Fig 3*4. A r r  h e n i u s  plo t f o r  va r io u s p-D i k e t o n e s .
O . B e  n z o  y l  a c e t o n e , ;  G,  B e n z o y l t r i  f l u o r o  a c e t o n o ,  
© ,.p - O M e - B e  n z o y l  t r i f l . u o r  o a c e t  o n e ,
-0 -  p  _  N O ^ B e  n  z o y 'l t  r i  f l u o r o a c e t o n e .
3 ,0 -
T
L o g k  +  const
3 2 0
i A  __
. % 0 '■
difference of 6.5 kcais can probably be ascribed to the 
need to break hydrogen bonds before the transition state 
is formed.
The Br^nsted relationship, which stems from the
33
work of Br^nsted and Pedersen on the base catalysed 
decomposition of nitramide, relates the reaction velocity
(k) to the base strength of the catalyst (K^) in the form
k = GK^ (3.3)a
or log k = log G + 31ogKD (3.4)a
If the catalyst in the proton transfer reaction is changed 
_ „ *
from B to B the difference in reaction velocity can be 
expressed by
log k ~ log k f = 3 (log - log K_,) (3.5)
x3 Jb
which is equivalent to
. , i /
AG - AG '= 3 (AG° - AG°) - (3.6)
3 is therefore the ratio of substituent effects on the free 
energy of activation of a proton transfer process to 
substituent effects on its overall free energy change.
This can be affected in two ways, either by keeping the 
substrate constant and varying the base or keeping the base 
constant and varying the substrate. In both cases the 3 
values should be the same and in order to test this we
have studied the rates of detritiation of both benzovlacetone
and benzoyltrifluoroacetone as catalysed by a series of
carboxylate anions. The results (Table 3.6.-* benzoyl-
acetone, Table 3.7. - benzoyltrifluoroacetone) are
summarised in Table 3.8 and Figure 3.6. The results of
2 8Bell, Gelles and M5Iler for the bromination of 
benzoylacetone are also inserted for comparison.
Analysis of the results shews that in all cases water 
is a less effective catalyst than expected. The extent 
of the deviation is the largest for the bromination of 
benzoylacetone and a minimum for the detritiation of 
benzoyltrifluoroacetone. For the detritiation studies
closely similar behaviour is observed with.the points for 
acetate and glycollate showing slight negative deviations 
and all others (with the exception of water): obeying the 
relationship. Another way of expressing this is in the 
constancy of r in Table 3.8. The bromination results
/S
for benzoylacetone show more scatter with the point of 2-
phenylpropionate considerably higher than expected. This
may well be due to experimental error as the other primary
hydrogen isotope effects for carboxylate ion catalysis are
all very close together. Certainly we can not agree
28with Bell et al. that the catalysts which contain large 
groups such as alkyl or aryl all give reaction velocities 
higher than interpolated for the line drawn through the 
points for acetate, glycollate and chloroacetate. They
F ig  3-5* D e p e n d e n c e  of d e t r i t i a t i o n  r a t e  for  Be n z q y.l ac c t. o ne
on b u f f e r  a n i o n  c o n c e n t r a t i o n *
Ac e t a t  e
o v a l e r  a t e
4 0 0-
G i v e  o i l30 0
R T 
10 K
. P h /  en y l p r o p i o n a t e
2 oo
B e e zo a t e
Chloro a 0 e t a t e
1 0 O-
° . °  8 (Moles/litre)0,020 0,0 60,04 0,1 4
F i  g 3-6*B 1 6  ns t e d  p l o t  f o r  B e n z o y l a c e t o n e
( ©,br o m i n  a t  i o n, 0 , d e t r i t i a t i o n  ) a n d  
Be n z o y  I t  r i f  1 uo r o a c e t  one d e l r i t i a t i  o n  ) 
N  u mb e  r  s r e f e r  t o  T a b l e  3s8 »
4,0"
3,0  -
L o g  k l  4- const
explained their deviations, which in some cases amounted 
to 300%, as being due to the proximity of a large group in 
the catalyst to a similar group in the substrate which 
will affect the transition state of the reaction but will 
not contribute anything to the dissociation constant of 
the base catalyst. We see no such deviations and 
need not therefore devise any explanations of this kind.
The magnitude of the slope of the Br^nsted plot has 
frequently been taken as a guide to the structure of the 
transition ;state and in particular the position of the 
proton in the transition state. Values near unity have 
been taken to indicate a product-like intermediate
-  4.
(R  H B) whereas small values e.g. 0.1 suggest a
—
reactant-like (R H  B ) situation. A 3 values of 0.5
would on the same basis suggest a very symmetric transition
state for which fairly large isotope effects should be
obtained. For the bromination of benzoylacetone the
best straight line, neglecting the water point has a slope
of 0.57, compared to 0.56 for the detritiation studies.
The results for benzoyltrifluoroacetone give a 3 of 0.57,
These values can now be compared with those obtained from
Tsubstrate variations - the plot of log k against pK^
(Fig.3.3) can best be represented by a curve, the slope of 
which varies from 0.27 to 0.55. If the percentage enol 
in the substituted benzoyltrifluoroacetones does indeed 
vary rather than remain constant and log k^ plotted against 
pI\E the effect could be to produce a linear relationship 
with a slope close to 0.5. However we can at present
only conclude that the Brc5nsted relationship is fairly 
well obeyed for 3~diketones, and that the magnitude of 
3 although a fairly insensitive guide to transition state 
structure indicates a fa irly symmetric configuration.
As the rates of ionisation of some 3-diketones have
been measured over a temperature range and as equilibrium
data are also available for the same compounds it is
possible to combine these in such a way as to provide
details of the reverse reaction, that of ion - recombination.
This is done by converting the detritiation rates to
F Tdeprotonation rates by assuming that the k “/ k ‘ value arises 
entirely from a difference in the enthalpies of activation. 
The results are summarised in Table 3.11, and serve to 
show once again that the big difference between benzoyl­
trif luoro.acetones and benzoylacetone is reflected in both 
the AHM and AS*5* terms. Thus whilst the enthalpy of 
activation for the forward reaction decreases from 19.4 
to 12.85 k cals in going from benzoyltrifluoroacetone to 
benzoylacetone, the value of AH*** for the reverse reaction 
also decreases' by a similar value (15.8 to 9.3).
The entropy of activation AS** for the forward reaction 
for benzoylacetone (-33.6) is over 20 units more negative 
than the value (-12.4) for benzoyltrifluoroacetone whereas 
for the reverse reaction there is only a 11 eu* difference.
It is therefore the differences in the entropy terms 
that is mainly responsible for the different behaviour 
of these two ketones. These studies taken together
Fig; 3«7» A r r h e n i u s  p lo t f o r  R a t e s  of  D e t r i t i a t i o n  o f  B e n z o y l a c e t o n e
0,  c h l o r o a c e t a t  e 0 ,  p - p h e  n y l  p r o p i o n a t e
3 , 0
a  n d  o,  g’l y c  o i l  a t - e c a t a  l y
2 ,5
2,0
L o g k g *  const
3 1 0 3 2 0 3  3 0
Fi.g3*8« A r r h e n i u s  p lo t fo r R a t e s  of D e  t r i t  i a  tion of . Benzoyltrifluoroacetorie
0, ch l.o .ro  a c e t a t e P~ph e n y lp r o p io  n a t e
a ad o, glycoll at e
2,0-
Log k +c c nst
310 3 3 0
F i  g- 3«9e S c h e  m a  t  i  c D i a g r a m  o f  T r a n s i t i o n  S t a t e  f o r  
B e n  zo y l  t  r i f  1 u o r  o a e e t  o n e  a n d  B e n z o y l a c e t o n e ,
B e n z o  y l  t r i  f l  u o  r  o a c e t o n e
r c - e ?- — - o h 2
Be  n z o y l a c e t o n e
R  C -  - H* - - - O H  
/ \
a  h
8 5
R C H +  H ^ O
R  e a c t i o  a  c o — o r d i n a t e
lead to the following picture of the transition state for 
the 3*”diketones, benzoyltrif luoroacetone and benzoylacetone 
(Fig. 3.9).
Finally, the activation energies for chloroacetate, 
propionate and glycollate catalysis of the detritiation 
reactions of both benzoylacetone and benzoyltrifluoro­
acetone have been measured (Tables 3.9 and 3.10, Figures
3.7 and 3.8). These results serve to reinforce the point 
made for water-catalysis, namely that the activation energies 
for the fluorinated 3-diketone are always considerably 
higher than for the unfluorinated 3“diketone„
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Chapter 4. Rates of Hydration of 8-Diketon
4.1 Introduction
When dissolved in water compounds like the 3~ 
diketones, which contain a carbonyl group, undergo -hydra­
tion:-
kh
R .8 CO + H?0 R. R_C (OH) „ (4.1)
Kd '
1
Previous studies have shown that this reaction, wThich. 
is one of the simplest undergone by the carbonyl group, 
is reversible and. catalysed by both acids and bases.
In most cases the evidence for hydrate formation is 
based on measurements of some property, such as the charac­
teristic ultra-violet absorption band of the carbonyl group 
at around 280 nm, which changes as a function of time. 
However several examples of the formation of stable solid 
hydrates are known, the most familiar being chloral hy~
drate CCf-^. CH (OH) ^  * The hydrate of hexaf luorcacetylace- 
3
tone is also a stable crystalline solid formed when the 
3-diketone is exposed to the atmosphere. There is no 
doubt that the strong inductive effect of the fluorine 
atoms and the importance of hydrogen bonding both help 
to stabilise the hydrate:-
F— HO OH---F
I i i I
F - C - C - CH9 - C - C - F (4-2)
, . l l
I
F— HO OH— F
The equilibrium constants (K^ = k^/k^ = dissocia­
tion constant of the hydrate) for several aldehydes and 
ketones are given in Table 4.1 and vary by more than 
10^ in magnitude. Factors which cause a destabilisation *
Table 4.1. Equilibrium Constants for the Dehydration 
of various Aldehydes and Ketones"^ in Water 
at 25°
Compound Kd Method employed
CC13CH(0H)2 
CH2 (0H)? 
CH3CH(OH)2
(CH2C1)2C(0H)2
(CH3)2C(OH)2
CH3CH2CH(OH)2
3.6x10
5.5x10
0.65
0.67
0.81
0.10
2
5x10
1.4
-c;
■ U . V .  
polarography 
u.v. 
n . m . r .
n.rn.r.
u.v. 
n.m.r.
u.v.
of the carbonyl compound (e.g. presence of electron attract" 
ing substituents) lower whereas the presence^ of bulky 
groups which cause steric strain bring about an increase
in K,.d
The mechanism for the hydration process is thought
to involve the formation of a transition state, containing
one or more water molecules in excess of the one that
reacts. Thus for base catalysis the following mechanism
4has been suggested by Bell,
^>C0 + H20 + B“— -t* ^>C(0H)CT + HB (4.3)
(OH) 0” + H B — H>^>C (OH) 2 + B~ (4.4)
with the first termolecular step being rate-determining.
It seems impossible to split the step up into two con­
secutive bimolecular processes because if this is done 
the results are not in keeping with the experimental
(4.5)
(4.6)
(4.7)
BH (4.8)
(4.9)
HB . (.4.10)
If reaction (4.5) or (4.9) were rate-determining the 
reaction velocity would in the first case be independent 
of ketone concentration and in the second case, would not 
be catalysed by different bases. Reaction (4,6) would
findings. The various possibilities are
B~ + H20 HB + OH*"
]>C0' + OH” ^  (OH) o”
. > C 0  + B” >C(B)0“
>C(B)0“ + H20 >C(0I-I)0” +
p?co + h 2o (o “)Sh
> c ( o ” )6h2 + B“ ^  y c  (oh)o” +
exhibit specific hydroxide ion catalysis if it were rate- 
determining. Reactions (4.7) and (4-8) depend on the 
nucleophilic reactivity of the catalyst rather than its 
base strength whilst reaction (4.10) is expected to 
be very fast as it is an example of proton transfer from 
oxygen.
5
Eigen observed very early on that hydration re­
actions obeyed the Bronsted relationship over a very 
wide range of basic (and acid) strengths and on this 
basis suggested that reactions (4.3) and (4.4) could be 
replaced by a concerted process involving the participa­
tion of two extra water molecules. The critical stage 
in the reaction could then be written as
H H
' /0 - H— -o 
!
H
R1R2C,s j
0 H - o
\
H
Supporting evidence for this mechanism comes from a 
6 nstudy '‘ of the hydration of 1 ,3-dichloroacetone over a 
range of water concentrations in both dioxan and aceto- 
nitrile with and without added catalyst. For the hydration 
reaction the order with respect to water in dioxan and 
in the absence of added catalyst is 3. . When triethyl- 
amine is' introduced as catalyst the order reduces to 
2 , suggesting that it can replace one of the water mole­
cules in the transition state.
8 9Very recently Stewart and van Dyke 1 have in­
vestigated the effect that added dimethyl sulphoxide
II Ii
0 h - 0
R1R2Cv
0 - H-~
H
I
•0
H
has on the hydration of ketones. The equilibrium constant 
for dehydration can be written as
|ketone J ' f, ^
K = -E ---—  aH90 (4.11)
LhydrateJ ~hyd
or taking logarithms and re-arranging
[ketonej f
pK. = -log — -—    ~ log H O (4.1.2)
d [hydrate] f hyd 2
The function W defined as o
W = -log *aH 90 (4.13)
° hyd z
represents the effect of the dipolar aprotic solvent on 
the hydration equilibrium. For pure water W is aero and 
rises to a value of 2.72 in 99 mole% sulpholane; in di­
methyl sulphoxide-water mixtures (0-85 mole%) negative 
valu. ies, of W are obtained so that these latter solutions 
hydrate the ketones more than does pure water.
The purpose of the present investigation was to 
study the extent and also the rate of hydration and to 
see in what way these factors would be affected in going 
from an ordinary diketone to a fluorinated $-*diketone „
We also wished to study the effects of substituents on 
the rates of hydration and also to see what effect added 
DMSO or dioxan would have on the rates.
We have already mentioned the wide use being made 
of spectrophotometric methods of following rates of 
hydration. This method does however have some limitations 
e.g. the frequently employed procedure of assuming that 
the extinction coefficient of the carbonyl absorption
1 0
is independent of the solvent can lead to serious errors
1Nuclear magnetic resonance is a very useful technique 
as one can determine the concentration of both hydrate 
and ketone directly from the peak areas. Furthermore the 
reaction velocity in both directions can be determined 
leading to an independent estimate of the equilibrium posi­
tion. Other, methods that have been used include Raman
11 12 13spectroscopy'1' , polarography and dilatometry (reactions
are accompanied by a considerable volume change). In the
19case of fluorinated compounds F n.m.r. has also been 
employed^.
4.2 Experimental
The equilibrium and kinetics of the hydration
reactions of various $-diket o nes were investigated by 
observing the absorption in the near ultraviolet due 
to the carbonyl group. In some cases a check on the 
equilibrium constant was made using nuclear magnetic re­
sonance spectroscopy. During the process of hydration 
the concentration of water remains effectively constant 
and if we assume that the activity coefficient terms 
fket- anc  ^ ^hyd ecluat^on (4.11) cancel we obtain
Under the experimental conditions the reaction is charac 
terised by the two first-order velocity constants k^ 
and k^. The observed velocity constant k will be given
where O.Dq , and O.D^ are the optical densities (which 
are porportional to concentration) at the .wavelength 
where the carbonyl absorption is at its maximum, at time 
zero and at the completion of the reaction. As mentioned
ketone
K
d
(4.14)
hydrate
by
(4.15)
so that we can write
L  = O.D /(0.D - O.D )
Q  00/ ' O  00
k, = k (O.D - O.D )/O.D
h  O CO Q
k, = k ,0.D /O.D (4.18)
(4.17)
(4.16)
previously O.Dq is difficult, to measure when the reaction
is very fast - in such circumstances values at various
time intervals need be taken' and extrapolation back
to t = 0 is required. Fortunately in the present work
O.D values could be taken before.much reaction had o
8occurred. Stewart and van Dyke have recently used a 
model compound in order to overcome this difficulty ™ 
a non-hydrating compound . (4~methoxyacetophenone) was used 
and the change in absorbance in going from one solvent 
to another was measured and assumed to be the same as that 
for the hydrating compound (4-methoxytrifluoroacetophenone).
The syntheses of the 8-diketones employed in this 
work (benzoylacetone, benzoyltrifluoroacetone and some 
meta- and para-substituted benzoyltrifluoroacetones) 
has been described in Chapter 1. The solvents used 
were water, dioxan and dimethylsulphoxide, with various 
mixtures of dioxan-I^O and DMSO-I^O employed. De-ionised 
water was further distilled from potassium permanganate 
whilst in the case of dioxan analar grade material -was 
filtered through a column of activated alumina before 
storing over molecular sieves in a tightly stoppered dark 
bottle. Chromatographic analysis showed the % water 
to be less than 0.1. The dioxan was renewed at regular 
intervals and the absorption spectrum run from time 
to time in order to check that no changes occurred.
The dimethylsulphoxide was first allowed to stand (1 day) 
over fresh calcium oxide before being fractionally distilled 
under 3:educed pressure in an atmosphere of nitrogen. 
Chromatographic analysis showed the DMSO to be more than
99.9% dry. Where solutions of high mole% DMSO were re­
quired further purification by simplified zone-freezing 
was carried out immediately prior to using the solutions. 
These were made up by weight.
3 QFor the equilibrium measurements using * F nuclear- 
magnetic resonance spectroscopy the tubes contained about 
O.lg. of 3~diketone in 1.0 ml of the solvent mixture 
and were sealed before being kept for 2-3 days to allow 
equilibrium to be reached. A Perkin-Elmer A-60 instrument 
was employed and the areas corresponding to the ketone and 
hydrate absorptions measured.
For the kinetics a Pye-Unicam S.P.800 spectrophoto­
meter with a thermostated cell compartment (the tempera­
ture was checked from time to time with a thermistor) 
and a flat bed recorder with variable speed motors was 
employed.
d
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Fi g’4 i*  A b s o r p t i o n  spe c t r u m  of b en 2 oyl  t r i f lu o ro  ae etone
i n  w a t e r  a n d  d i o x a n .
4.3 Results
Figure 4.1 illustrates the changes undergone 
in the absorption spectrum of benzoyltrifluoroacetone 
on going from water to dioxan. The. procedure for calcu­
lating the various constants (k, K^, k^ and k^) from 
these changes was the same in each case, the starting point 
being the plot of log^0 (O.Dt - O.D^) against time in 
order to obtain k (slope =-k/2.303). The intercept at 
t = 0 is logn~ (O.D - O.D ) so that since O.D is known,
^ 1 0  O  co CO '
O.D can be calculated and hence K ,, k, and k, deter-o d h d
mined. A typical calculation is shown in Table 4.2. and
illustrated in Figure 4.2., the compound being benzoyl-
trifluoroacetone. The results for various 3-diketones
are brought together in Table 4.3; usually the value
of k refers to the mean of 3 separate runs, the expert-
mental accuracy being ±1-3%. Tables 4.4. and 4.5. refer
to the results obtained in various mixtures of dioxan-
water and DMSO-water. The values of K, can be calculated
kd
in two ways, either from the kinetics (= t—  ) or from
h
equation (4.16). In both cases good agreement was obtained 
the values given in Tables 4.4. and 4.5. are obtained by 
the first procedure. •
Table 4.2. Calculation of k, k, . k, and K. for Benzoyl-
fi Q  Q
trifluoroacetone in a dioxan-water mixture 
at 25.0°C.
Solvent composition:- mole% water - 5 3.82,
-4
A - 3 2 5  nm Ketone concentration -Ixio M max
Time(chart units) O.D, t 0. D, - O.Dt 00 log].0 (0-Dt "
10 1.61 1.31 0.117
20 1.50 1.20 0.079
30 1.39 1.09 0.037
40 1.28 0.98 1.991
50 1.19 0.89 1.949
60 1.09 0.79 1.898
70 1.01 0.71 1.851
80 0.94 0.64 1.806
90 0.88 0.58 1.7 63
100 0.82 0.52 ' 1.716
110 0.76 0.46 1.663
120 0.71 0.41 1.613
130 0.67 0.37 1.568
140 0.63 0.33 1.518
150 0 . 60 0.30 1.477
160 0.56 0.26 1.415
170 0.54 0.24 1.380
180 0.51 0.21 1.322
O.D = 0.30 
00
i, 1 minute = 12.5 chart units so that the
slope of the plot of log1 0 (‘°*Dt “ °\DJ against time
plot (Fig. 4.2.) is -0.000978 sec x . At t = 0
log(0.Dt - O.D ) = 0.182
CO '
, so that O.D =  ' o 1.80.
The observed velocity constant k is then equal to
2.303x0.000978 sec 1 or 2.25x10 3 sec 1 .
Kd = 0.30/1.50 = 0 . 2 0
kh - 2 . 25xl0*~3xl. 50/1. 80 = l„87xlO~3 sec”1 
and = 2.2 5x10 3xO.30/1.80 = 3.75x10  ^ sec 1
PI o  1 of  L  o g  ( O  D t  “ O Deo )  a g a  i n  s t  t  i  m  e f o  r  
su
Benzoyltrifluor oaceto ne in a d io x a n “ water mixture
<2\
0,0
V i
120S008 0 I 4 04020 600
\
\
»•«"% >{.‘.4
160
T i m  e ( c h art. un i t s )
Table 4.3. Kinetic data for Hydration-dehydration
equilibria of various Benzoyltrifluoro-
oacetones m  d-ioxan-water at 25.0 C.
Composition of Solvent mole% :[-I20 = 53.1
k ' k, and k, are in sec h a
-1
Substituent 104k. i°4kh 104kd Kd
1. P“N°2 81.9±0.8 71.610.5 10.010.4 0.14
2. m-N02 78.610.3 61.811.3 16.811.0 0.27
3. p-Cl ■37.010.2 28.910.4
o-!-lCOO900 0.28
4. H 21.810.6 18.310.4 3.5010.2 0.19
5. p-Me 16.210.2 13.210.4 3.0510.2 0.23
6. p-MeO 15.710.2 13.210,1 2.471,07 0.19
7. m-Br 36.610.1 28.810.5 7.8410.5 0.2 7
8. p-OH 22.610.4 18.3+0.4 4.2510,3 0.23
Table 4.4. Kinetic and Equilibrium Data for Benzoyl- 
trifluoroacetone and Benzoylacetone in 
Dioxan-water Solutions at 25.0°C
-.1k, k, and k. are in sec ' h d
1. Benzoyltrifluoroacetone
>le% H20 104k 410 kh
A
K T k ,d • d
17.67 0.42ai .01
34.0 4.1410.2 2.8111.0 0.6210.18 0.22
34.0 Q.25ai0.01
5 3.1 21.8±0 .6 18.310.4 3„4910.17 0.191
65.4 53.410.6 43.210.8 10.310.1 0.23s
79.2 28511 27111 13.710.1 0.050
81.4 37411 34912 24.311.3 0.070
84.4 588113 51017 77.615.1 0.159
95.2 3180160 2900170 288130 0.10
Be n z oy1acetone
81.4 70.112.5 46.110.9 24.011.6 0.52
3 9
from F " n.m.r.
Table 4.5. Kinetic and Equilibrium Data for Benzoyl- 
trifluoroacetone in DMSO-water Solutions 
at 25.0°C.
k, kh and k, .in sec d
-1 *
>le% H20 104k 410 kh
4
10" k , d V
24.3 2.27±.02 1.4010 0.87510.015 0. 62c 5
48.3 39.3±0.2 28.110.2 11.110.4 0.39^
58.3 131±1 10413 27.010.8 0.26
68.9 483±2 40714 75.712.8 0.18.6
76.5 12.20150 1000150 216+8.0 0.21.6
O«Gh00 2590190 2150180 445115 0»20?
91.0 4600130 3820120 776114 0.20,
4.4. Discussion
Of the four studies involving acidities, rates 
of ionisation, solvent effects and hydration it is only 
in the latter that we have been unable to make an exten­
sive comparison between $-d.iketones such as benzoylacetone 
and the corresponding fluorinated compounds. The reason 
for this is that benzoylacetone is considerably less hy­
drated (see Table 4.4.) than benzoyltrifluoroacetone.
There is therefore very little change in the absorption 
spectrum and where there is such a change one has to 
subtract one fairly large reading (O.D^) from another 
fairly large value (O.D^) so that the possibility of 
incurring a large experimental error is very high. This 
is made much more difficult (as in the present case) if 
the extinction coefficient for the particular absorption 
is small. The value of for benzoylacetone in 81.4 
mole% 1^0 is 0.52 but if a comparison with the benzoyl­
trif luoroacetone results is made it is unlikely that 
the value will change greatly in going to pure water.
In the remaining work we concentrated on two as­
pects. Firstly, the effects of substituents on the rates 
of hydration-dehydration in a particular medium (mole%
I^O = 53.1, mole% dioxan = 46.9). Secondly, we investi­
gated the effect of changing the solvent on the rates 
of hydration and dehydration. Dioxan and dimethylsulphoxide 
were chosen for this purpose as they both have suitable 
optical clarity in the region of the absorption spectrum 
where changes were to be monitored. They are also in­
teresting solvents in that they differ markedly in their 
ability to increase the basicity of sodium hydroxide
H a m m  e 11
u m  b e  r  s
11 s t
r
n s t
0 , 3 0,2 0 , 4 0,8
o r
14solutions
Table 4.3. shows that with the exception of the 
p-MO^ compound the values for the equilibrium constant 
are virtually constant within the range 0.19-0.28.
The dependence of either rate of hydration (k^) or de­
hydration (k^) on the m~ and p-substituents is therefore 
very much the same as can be seen in Fig. 4.3. There 
does seem to be a tendency however for there to be more 
scatter in the dehydration results. It is noticeable that 
the results for the p-OH compound are displaced from both 
graphs, probably reflecting some kind of interaction 
(e.g. hydrogen bonding) that is either not possible 
or unimportant in the case of the other substituents.
The results in dioxane-water mixtures (Table 4.4. 
and Fig. 4.4.) show that both k^ and k^ decrease quite 
markedly as the solvent is changed from 95.2 mole% water, 
where the 8-diketone is 90% hydrated, to 34 mole% water 
where the extent of hydration is now more like 75%. In
fact for k, there is a thousand fold decrease, which can h
partly be accounted for by a decrease in the concentration
of water. It is impossible to quantify the various other
factors that are also operating in bringing about this
rate decrease. More detailed study would have to take
into account the variation in the activity coefficient
terms f. . , f, .. In solvents containing low concentra-ket hyd 3
7
tion of water it is customary to plot log k, (or log k.)n vA
against log(mole fraction of J^O) in order to obtain the 
order of the reaction with respect to water. We have 
fairly few points in the region but the. values of the 
slopes (n^ - 4.2, n^ - 4.0) are consistent with those
P lot o f L og k , ** const or Logic c t  £3 « *  X. *  t  Cl b
co n s t  fo r  b e n z o y l t r i  f l u o r - /  o nc e to  11 e inLog!0 X
d io x a n  -  w a te r  so lu t ion s
4 , 4
Logk -f-co In  st
Log’k  + c o | n s t
0 ,4
2,0
iOff X*10 h2o
4- con st
Logk + const h
Log- -5-const
obtained in other studies e.g. n^ = 3.6, n^ = 2 . 8  for
7
1, 3~dichloroacetone. It is however questionable whether 
these findings do mean that so many water molecules are 
involved in the formation of the transition state.
The most striking aspect of the results in mixed 
aqueous media is that at least qualitatively the behaviour 
of dioxan and dimethylsulphoxide (Table 4.5. and Fig. 4.5.) 
is very much the same in that neither drastically change 
the values although there are indications in the sol­
vents of low water composition that this is being shifted 
to higher values i.e. dehydration is being favoured.
Clearly the main reason for the virtually constant 
values is because the reactions involved neutral molecules, 
as distinct from small anions. In the case of the 
DMSO-H20 studies the plots of log k^ and log k^ against 
log x^ 0 are linear over a wider composition change than 
was the case for dioxan-water.
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Chapter 5. Entropies of Activation and Solvent 
for Proton Transfer Reactions,
5.1. Introduction
Proton transfer reactions from carbon acids such as the
3~diketones studied in the present work, are a good starting
point for a study of solvent effects on reactions in
solution. This is so not only because the reaction
mechanism is usually well known but also because these 
reactions can be conveniently studied in a variety of different 
solvents. In addition it is frequently very easy to change 
the magnitude and/or sign of the charge on either the acid 
or base.
With the wide choice of electric charge and solvents 
available there are several approaches open to the investigator. 
One of the most fruitful ways is to consider the influence 
which the solvent has on both the initial and transition 
states. A combination of kinetic and calorimetric data 
frequently enables one to calculate the enthalpy of transfer 
of the transition states from one medium to another and to 
ascribe the change in activation enthalpy as being due to a 
greater solvation of the transition state rather than that of
the reactants in one or other of the solvents. An alternative
approach seeks an interpretation in terms of effects on the 
structure of the solvent? in this case the studies are 
usually confined to water and to mixtures of water and other 
organic solvents. A third possibility.is to analyse the 
rate differences in terms of the constants of the Arrhenius 
equation, namely the energy of activation E„ and in particular~ "* Cl
the entropy of activation AS*V
I*3The entropy of activation AS is the standard entropy of
the transition state minus the standard entropies of the
reactants at the temperature of the reactants. The standar
state to which it refers is unit molar concentration of both
»45
the carbon acid and the base. In order to obtain the AS
for a given reaction the following procedure was adopted,
~1 -1
The experimental rate constants (in l.mole sec were 
plotted in terms of leg k against /& in order to calculate 
the energy of activation E . Transition state theory shows 
that
■k -Ikr eASV e-*H> T (5.1)
h
■“16 -Iwhere h  is the Boltzman constant (1.381 x lCh erg deg h,
-27is Planck's constant (6.626 x 10 ' erg.sec}/ T the 
temperature in °K, and AH*1*, the enthalpy of activation.
ffa
For reactions in solution E = AH + RT so that equationa
(5.1) takes the form
, r _ AS*/R ~ (E ~RT)/RT ,Pk = IkT e ' e a (5.<0
h
^nrn LS*/R “E /RT 
or k-.eJcT e e a/ (5>3)
h
Substitution of the value of E and the rate constant k ina v
sjs
equation (5.3) leads to a values of AS . The term 8lkT at
12 5
25° has a value of 1.69 x 10
In Table 5.1 we have taken the AS values for the water 
catalysed detritiation of benzoylacetone and benzoyltri- 
fluoroacetone (see Chapter 3) together with values obtained 
from the literature for similar reactions. In addition we
have investigated the rates of detritiation of both these 
3-diketones in both DMSO-water mixtures and in the case of 
benzoyltrifluoroacetone, dioxan-water mixtures.
Prior to the present work there has, somewhat surprising
been only one detailed study of solvent effects on the rates
of ionisation of carbon acids. This was done- very recently
1 2by Long and co-workers f who studied the rates of detrit­
iation of t-butylmalononitrile as a function of mole fraction 
of water for three solvent systems, water-D'MSO, water-ethanol 
and water-dioxan. In all three cases there was an initial 
rate increase, implying an increase in basicity, followed by 
a sharp reduction of the concentration of water decreased. 
Some salt effects were also investigated.
5.2c Experimental Procedure
This is the same as that given earlier (Chapter 3) the 
only difference now being the need to make up dioxan-water: 
and DMSO-water mixtures by weight. The dioxan used was 
spectroscopic grade material that was distilled from sodium, 
before use. The dimethyl sulphoxide was stirred with 
calcium hydride for a few days before being distilled under 
vacuum.
The kinetics gave good 1st order plots with an accuracy 
of. i2-3%. The data was treated in the same way as shown in 
Chapter 3.
5.3. Results
The water-catalysed detritiation rate constants (k ) for
benzoyltrifluoroacetone in various dimethyl sulphoxide-
water mixtures at 55.0°C are given in Table 5.2, For sake
of comparison unpublished results obtained by D.W. Earls and
T.G. Rumney at a temperature of 25. 0°C are also given,
T
Figure 5.1 shows how k' varies as a function of medium 
composition at both these temperatures. Similar results at 
25.0°C for benzoylacetone and also in dioxan-water mixtures 
are given in Table 5.3 and presented in Figure 5.2.
Table 5.1. Entropies of Activation for Proton Transfer 
Reactions involving Carbon Acids
Reaction Mechanism 
RH + H20«~>R~+ H3S
Carbon Acid
RH + 0H«4>R +H20
2-C arbe thoxyc ycfo - 
pentanone
Malononitrile
t-Butylmalonon-
itrile
Benzoylacetone
Benzoyltri- 
fluoroacetone
p-N02'-Benzoyltri- 
fluoroacetone
p-OCH^-Benzoyltri” 
fluorbacetone
p-N02benzyl~
cyanide
Nitroethane
1,4-Dicyano~2-“ 
butene
Acetone
Acetophenone
Chloroform
Phenylacetylene
AS (cal.deg 
-38
-I mol ^ )
“22
“21
-33.6
“12.4
-10.9
“13.0
“30
-15
-12
“21
“19
*15
+42
Ref
3
4
4
this work
ti
9
10 
11
RH + OMe'-4—>R + MeOH Fluorene
7H~Benzo|c[“ 
fluorene
RH + OEt ->R + EtOH
R H *  + 0H“+>RH + H20
D i ph e nylmethane
Triphenylmethane
1,3-Difluoro- 
benzene
IH-Undecafluoro- 
bicyclo| 2 .2. l| - 
heptane
p-Nitrobenzylcyanide 
1,3,5-Trinitrobenzene 
Adenine
1-Ethyltetrazole
Guanine
Thiazole
— i.L
“2
0 
.0 
2, “4
■1-7
•: +22 
+10 
"40*
12
12
13
13
14,15
16
17
.ioi ft
19
20 
21 
22
Lsubject to large uncertainty
Table 5.2. Detritiatioir of Benzoyltrifluoroacetone in Dimethyl
Sulphoxide-Water Mixtures at 55.0°C and 25.0°C*
Mole % r _ Mole •/* . tp
DMSO 10 k (55°C) DMSO 10 k (25.0°C)
0 (10.0) 0 3.72
11.02 16.7 11.0 6.00
21.63 15.1
32.01 9.75 20.3 7.20
42.49 3.80 33.0 5.03
52.52 1.81 39.4 3.26
62.12 0.76 43.2 2.51
72.16 0.30 50.8 1,30
81.07 0.11 60.8 0.535
69.8 0.224
80.0 0.096
90.0 0.043
94.2 0.016
100 0.0064
( ) extrapolated from data at low temperatures
^Unpublished results of D.W. Earls and T.G. Humney
against either mol e %  D i o x a n  or D M S O c
o-D M  S O & x-Di o x
0,5
0,5
1,5
7 05* U10
Table
Mole%
DMSO
0
11.02 
21.63 
32.01 
42.49 
52.52 
62.12 
12.16 
81.07
5.3. Detritiation. of Benzoylacetone in Dimethyl
Sulphoxide-Water and Dioxan-Water Mixtures at 25.0°C
T -Ik ‘ , detritiation rate constant, sec
5 T 5 T
10 k Mole% 10 k
Dioxan
55.5 0 55.5
57.8 10.33 25.9
50.2 20.49 10.1'
36.3 30.63 4.54
26.1 40.44 2.35
38.5 50.84 1.57
40.0 59.88 0.96
69.5 70.67 6.41
123 80.25 19.5
\ 0  F i g 5 . 1 i  P l o t  o f  . L o g a r i t h m  c f  r e l a t i v e  
V
' rates for Benzoyltrifluoroacet one
^ \ against mole %  D M S O *  .
0
A  - d a t a  a t 2 5 ; 0 " d a t a  at 5 5'
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5.4. Discussion
The entropies of activation given in Table 5.1.cover 
more than 80 eu. and can be accounted for, at least 
qualitatively, in terms of differences in solvation of the 
reactants and transition state* Thus in the reaction 
between two uncharged species such as benzoylacetone and 
water, the formation of the transition state, which in many
-.... -j_
ways resembles an ion pair(R — H H^O), will lead to an
increase in solvation and therefore the entropy of. activ-
ation will be negative. The fact that AS is over 20
units less negative for benzovltrifluoroacetone than it is
for benzoylacetone is a reflection of the fact that the
first compound is probably much better solvated than the
second so that the change in solvation in forming the
transition state is considerably less. It is also
interesting to note that insertion of groups such as
p-N0~ and p-OClh affect the AS term more than the E terms ^ 2  L 3 a
(see .Chapter 3) .
The results for hydroxide-catalysed reactions are 
noteworthy because here we see both -ve and *fve values 
of AS . If the carbanion R is as heavily solvated as OH 
one would expect AS to be close to zero but the -ve values 
obtained for the first 4 compounds suggests that this can 
not be the case. In the case of phenylacetylene very 
recent work has shown that a. diffusion or rotation step 
following the proton transfer is the rate-determining step
Ph.C = CH + B PhC = C H . Ph.C = cTliS 
•sr* <r"
f\ I fate determining
Ph.C = CH' + B «^~PhC = CI-i'b ^ P I iC E c“ . II*&Jf
so that the observed AS are not strictly comparable.
The entropies of activation for reactions in both 
methanol and ethanol are all close to zero and in this 
respect are very different from the reactions carried out 
in aqueous conditions. This could be due to the fact 
that the mechanism of proton transfer in these two solvents , 
water and either methanol or ethanol, are considerably 
different. Some support for this viewpoint comes from the 
fact that solvent isotope effects kD/k^ for reactions in 
methanol-methoxide reactions are considerably higher than 
they are for water-hydroxide solutions.
Finally, for reactions between positively charged 
carbon acids and hydroxide ion, the transition state because 
it has net - zero charge will be less solvated than the 
reactants. The process of forming the transition state 
will then bring about a liberation of solvent molecules 
so that AS*** is positive. In fact in terms of charge 
type this kind of reaction is the exact reverse of the 
water-catalysed reactions.
The results for the detritiation of benzoyltrifluoro- 
acetone in DMSO - H^O solutions at 55°C parallel those 
obtained at 25°C; both sets of data lead to a rate 
maximum, followed by a sharp decrease. In fact the effect 
of temperature seems tobe to move the maximum over to a
solution composition containing less DMSO- these results 
strongly suggest that temperature has no important bearing 
on the reason why two component mixtures like DMSO and 
water should behave in this way.
As found in our previous investigations the substit­
ution of fluorine atoms in a ■B-diketone result in a marked 
difference in behaviour. Thus in contrast to the
findings for benzoyltrifluoroacetone the results for
Tbenzoylacetone show an initial decrease in k with a shallow
minimum being reached at a mole% composition of ~40% DMSO
followed by a sharp increase until at 81 mole% DMSO,
where the concentration of water is close to 11M the
detritiation rate constant is over twice as fast as it is
in purely aqueous solution. Furthermore this behaviour is
also exhibited in dioxan-water solutions, although the
Tinitial drop in k is somewhat steeper and the subsequent 
recovery not so pronounced.
It is difficult at this stage to quantify the various 
contributions that lead to the various rate profiles 
obtained. Clearly one major factor must be the decrease 
in the concentration of base as the proportion of the 
organic additive is increased. Both DMSO and dioxan seem 
to be much lower in base strength than water. Superimposed 
on this base concentration effect must be a structure- 
breaking contribution which leads to an increase in the 
basic strength of the medium and hence is responsible for
the rate maximum obtained for benzoyitrifluoroacetone. 
However as this effect is not observed for benzoylacetone 
there must be a further factor that is important - this 
could be connected with the activity coefficient expression
^RH^i^O/f^. Measurements of activity coefficients of 
suitable carbon acids in these two component systems should 
provide some useful information.
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